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Are Heats of Reactions Addictive?


Calorimetry is an application of the first law of thermodynamics to chemical and physical changes.  The flow of energy in a chemical reaction can be traced by allowing a measured amount of a chemical to react with another while the temperature of the reaction is monitored.  As the reaction progresses, the rise or fall of temperature of the reacting mixture and the immediate environment (a calorimeter) gives a qualitative measure of the amount of heat energy flowing from or into the system.  Flow of heat into a chemical reaction is called an endothermic reaction.  It has the macroscopic property of feeling cool to the touch.  Flow of heat out of a reaction, an exothermic reaction, feels warm to the touch.  In either case, a change in kinetic energy of the surroundings is noted by a change in temperature. 


Exothermic reactions, symbolized by a negative ΔH, result in a loss of energy by the reactants and a gain in heat to the environment.  The products are at a lower potential energy level than the reactants.  Endothermic reactions, symbolized by a positive ΔH, result in a product which has higher potential energy.  In this experiment, precautions should be taken to retain the heat energy in such a way that the immediate environment retains the energy so that an accurate accounting can be made.  A calorimeter is used to isolate the reaction from the surroundings.


In the reaction below, the reaction of hydrochloric acid and sodium hydroxide produces aqueous sodium chloride and water.

HCl(aq)  +  NaOH(aq)  (  NaCl(aq)  +  H2O 
Hydrochloric acid is characterized as a strong acid, which means it exists in aqueous solution as H+ and Cl- rather than in the molecular from of HCl.  Similarly, sodium hydroxide is classified as a strong base, which means it exists in aqueous solution as Na+ and OH- ions rather than in the molecular from NaOH.  Sodium chloride is soluble in water and thus exists as ions, while water is a weak electrolyte and must be written in molecular form.  Since the sodium and chloride ions do not change their form in this reaction, you will be determining the heat of formation for water.  The heat evolved in these reactions is essentially a measure of the greater thermodynamic stability of the water molecule compared to the stabilities of the aqueous hydrogen and hydroxide ion.


The situation changes when one of the acids or bases used is considered to be weak.  What is meant by the term “weak” is that most of the material exists in solution as molecules and not ions.  You will be using ammonia as your weak base and vinegar as your weak acid.  In this investigation, you will try and determine experimentally if there is a difference in the amount of heat absorbed by your calorimeter if weak acids and bases are used with eat other and when the are used with a strong acid or base.  You may check your work by looking up the thermochemical data for each of the reactants and products in a Standard Table of Heats of Formation of Compounds in your text or in a Handbook of Chemistry and Physics.  Be sure to look up the compound or element in the correct state before using the heat content values listed.

Materials:


2 M hydrochloric acid


2 M acetic acid


2 M sodium hydroxide


2 M ammonia

10 mL graduated cylinder (1)


Thermometer (1)


calorimeter

Procedure

Caution: Put on your goggles and apron now!!

Warning: Hydrochloric acid is caustic and will burn your skin or eyes.  Upon contact flush immediately with copious amounts of water.

Part One: Heat of Neutralization of Hydrochloric Acid and Sodium Hydroxide

1. Assemble your calorimeter.  Use two plastic sauce containers, a lid, and a rubber band.  Wrap the rubber band around one of the cups near the top.  Place the cup with the rubber band inside the other cup.  This should form a tight seal.  You may use the diagram on the next page for reference.

2. Using the paper punch, put a hole for the thermometer in the lid of the sauce cup.

3. Using a pencil or pen, poke a large enough hole in the lid that a jumbo pipet will go through and form a tight seal.

4. Mass the entire calorimeter to the nearest hundredth of a gram.

5. Add 7 mL of 2M HCl to your graduated cylinder; using a jumbo pipet, transfer this to the calorimeter.  Record the temperature of the hydrochloric acid. 

6. Add 7 mL of 2M NaOH to your graduated cylinder.  Using a different jumbo pipet, withdraw this amount and insert the pipet into the small hole that you made in the lid of the calorimeter. 

7. Place the thermometer in the calorimeter.  Slowly squeeze the 2M NaOH into the calorimeter.  Record the final temperature and the mass of the calorimeter on the data table.

8. Determine and record the experimental enthalpy of neutralization on the data table.

Part Two: Heat of Neutralization of Hydrochloric Acid and Ammonia

1. Wash your calorimeter with water, dry with a paper towel, and reassemble.  Mass the entire calorimeter to the nearest hundredth of a gram. 

2. Add 7 mL of 2M HCl to your graduated cylinder; using a jumbo pipet, transfer this to the calorimeter.  Record the temperature of the hydrochloric acid.

3. Add 7 mL of 2M NH3 to your graduated cylinder.  Using a different jumbo pipet, withdraw this amount and insert the pipet into the small hole that you made in the lid of the calorimeter.

4. Place the thermometer in the calorimeter.  Slowly squeeze the 2M NH3 into the calorimeter.  Record the final temperature and the mass of the calorimeter on the data table.

5. Determine and record the experimental enthalpy of neutralization on the data table.

Part Three: Heat of Neutralization of Acetic Acid and Sodium Hydroxide

1. Wash you calorimeter with water, dry with a paper towel, and reassemble.  Mass the entire calorimeter to the nearest hundredth of a gram.

2. Add 7 mL of 2M acetic acid to your graduated cylinder; using a jumbo pipet, transfer this to the calorimeter.  Record the temperature of the hydrochloric acid.

3. Add 7 mL of 2M NaOH to your gradated cylinder. Using a different jumbo pipet, withdraw this amount and insert the pipet into the small hole that you made in the lid of the calorimeter.

4. Place the thermometer in the calorimeter.  Slowly squeeze the 2M NaOH into the calorimeter.  Record the final temperature on the data table and determine the mass of the calorimeter.

5. Determine and record the experimental enthalpy of neutralization on the data table.

HESS LAW CALCULATIONS:

6. Using Hess’ Law and your results from Part One through Three, record on the data table the appropriate chemical reactions and their molar heats of reaction to predict the value for the heat of neutralization of 2M acetic acid with 2M ammonium hydroxide.  Calculate your prediction and record on the data table.

Part Four: Heat of Neutralization for Acetic Acid and Ammonia

1. Wash your calorimeter with water, dry with a paper towel, and reassemble.  Mass the entire calorimeter to the nearest hundredth of a gram

2. Add 7 mL of 2M acetic acid to your graduated cylinder; using a jumbo pipet, transfer this to the calorimeter.  Record the temperature of the hydrochloric acid.

3. Add 7 mL of 2M NH3 to your graduated cylinder.  Using a different jumbo pipet, withdraw this amount and insert the pipet into the small hole that you made in the lid of the calorimeter.

4. Place the thermometer in the calorimeter.  Slowly squeeze the 2M NH3 into the calorimeter.  Record the final temperature on the data table and determine the mass of the calorimeter.

5. Determine and record the experimental enthalpy on neutralization on the data table.

Data Table Parts One and Two

Part One:
H+ + Cl- + Na+ + OH- ( H2O + Na+ + Cl-
Net ionic equation: 

H+ + OH- ( H2O

	Mass of calorimeter after reaction
	

	Mass of calorimeter
	

	Mass of solution
	

	Temperature after reaction
	

	Starting temperature
	

	Temperature change
	

	Enthalpy of neutralization
	


Part Two:
H+ + Cl- + NH4OH ( H2O + NH4+ + Cl-

Net ionic equation:

H+ + NH4OH ( H2O + NH4+
	Mass of calorimeter after reaction
	

	Mass of calorimeter
	

	Mass of solution
	

	Temperature after reaction
	

	Starting temperature
	

	Temperature change
	

	Enthalpy of neutralization
	


Data Table Parts Three and Four

Part Three: 
C2H3O2H + Na+ + OH-- ( H​2O + Na+ + C2H3O2-

Net ionic equation:
 C2H3O2H + OH-- ( H​2O + C2H3O2-

	Mass of calorimeter after reaction
	

	Mass of calorimeter
	

	Mass of solution
	

	Temperature after reaction
	

	Starting temperature
	

	Temperature change
	

	Enthalpy of neutralization
	


	Hess Law Calculations

	


Part Four: 
NH4OH + CH3COOH ( NH4+ + CH3COOH- + H2O

	Mass of calorimeter after reaction
	

	Mass of calorimeter
	

	Mass of solution
	

	Temperature after reaction
	

	Starting temperature
	

	Temperature change
	

	Enthalpy of neutralization
	


Questions

1. Indicate how each of the following would have affected the heat of neutralization for hydrochloric acid and sodium hydroxide:

a. The molarity of hydrochloric acid was less than the value marked on the stock bottle.

b. Insufficient sodium hydroxide was present to neutralize all of the hydrochloric acid.

c. The thermometer gave readings that were 0.5°C low at all temperatures.

2. If a weaker acid than acetic acid had been used, would the experimental heat of neutralization have been the same as, higher than, or lower than the value that you observed? Explain.

3. Why is it important that the temperatures of all reagents used in this lab be at room temperature?

4. How did your enthalpy value for Part Four compare to the calculated enthalpy change using Hess’ Law? Explain any discrepancies between your prediction and the observed values.

Can You Write Your Own Solubility Rules After Observing Chemical Reactions?


Many substances that are soluble in water produce insoluble compounds when they are mixed.  In this lab, you will react 16 nitrate compounds with 12 sodium compounds.  You will record your results in a data table, and write solubility rules, which can be observed from your data.

Materials

1 mL micro tip pipets, labeled (28)

96-well plates, taped together in pairs (1 set)

0.1 M solutions of the following cation (positive ions):

Ammonium nitrate NH4NO​3


Barium nitrate Ba(NO3)2
Calcium nitrate Ba(NO3)2


Cobalt II nitrate Co(NO3)2
Copper (II) nitrate Cu(NO3)2


Iron nitrate (II) Fe(NO3)2
Iron (III) nitrate Fe(NO3)2


Lead (II) nitrate Pb(NO3)2
Magnesium nitrate Mg(NO3)2


Mercury (I) nitrate Hg2(NO3)2
Mercury (II) nitrate Hg(NO3)2


Nickel II nitrate Ni(NO3)2
Potassium nitrate KNO3


Silver nitrate AgNO3
Sodium nitrate NaNO3



Zinc nitrate Zn(NO3)2
0.1 M solutions of the following anions (negative ions):

Sodium acetate NaCH3COO


Sodium bromide NaBr

Sodium carbonate Na2CO3


Sodium chloride NaCl

Sodium chromate Na2CrO4


Sodium hydroxide NaOH

Sodium iodide NaI



Sodium nitrate NaNO​3
Sodium phosphate Na3PO4


Sodium sulfate Na2SO4
Sodium sulfide Na2S



Sodium silicate Na2SiO3
Procedure

Caution: Put on your goggles and apron now!!

1. Hold one of the 96-well reaction plates so that the letters (A-H) are on the left and place the reaction plate on a clean sheet of paper in such a way that the letters and numbers match.  Write the corresponding letter next to the wells labeled A-H.  Add 2 drops of the ammonium nitrate solution to each of the 12 wells on the top horizontal row labeled “A.”  Continue this process by adding 2 drops of barium nitrate solution to all 12 wells in the second horizontal row “B.”  Continue adding the solutions containing the cations (positive ions under study and their non-interfering negative ions) in 2-drop increments in the correct order until all 8 horizontal rows and 12 columns are filled with solution.

Once the first reaction plate has been filled, place the second reaction plate on the bottom half of the worksheet.  Again write the letters A-H next to the corresponding wells.  But this time, repeat the letter (i.e. AA, BB, etc.).  Continue the experiments by adding 2 drops of magnesium nitrate solution to each of the 12 wells in the top row of the second reaction plate labeled “AA.”  Again continue until all 16 solutions containing the positive ions under study have been added to their correct rows and the matrix completed.

2. Add 1-2 drops of sodium acetate to each of the columns labeled “1” in both reaction plates.  Continue the experiment by adding 1-2 drops of sodium bromide to each of the columns labeled “2” on both reaction plates.  Continue this process until all 12 anions (negative ions) have been reacted with all 16 cations (positive ions) and the unknown solution.

3. Record your results in the spaces provided on your data table.  If you do not observe a change, record NR or No Reaction.  But if a change is observed, report both the color and the results of each of the reactions.  At this point there are two choices: the mixture is either clear or opaque.  An opaque mixture does not let light pass through and is the result of the formation of a precipitate or an “insoluble” solid product.  If the reaction produces a clear, but yellow solution; record “clear and yellow.”  If the reaction produces a red precipitate, record “red precipitate (ppt).”  Sometimes an opaque product is initially formed but decomposes by reacting with the water.  An example of decomposition would be a cloudy solution which clears upon standing or a change in the color of a precipitate.  Record any obvious decomposition.  After studying the reaction plates and recording your results, answer the questions related to your observations.

4. Clean the reaction plates thoroughly by first shaking the plate and then by flushing it thoroughly with water.  Repeat this process until all of the precipitates have been washed out of the plate.  If a persistent substance remains, add a drop of dilute nitric acid, wipe the cell with a Q-tip, and rinse thoroughly with water.  You must clean the reaction plate thoroughly before the products dry and become almost impossible to remove.
Questions

1. Take a look at your observations and determine what if any generalizations you can make about any of the horizontal or vertical rows.  For example: In the sodium nitrate row, a typical observation might be this statement: “All nitrates are soluble.”

2. Define the term “solubility product.”  Give an example, using one of the precipitates from the data table and the concentrations.  Show how you know that this substance should form a precipitate.  Write net ionic equations for all the reactions that resulted in a gas or precipitate.

Data Table

Anions

	Cations
	C2H3O2-
	Br-
	CO32-
	Cl-
	CrO42-
	OH-
	I-
	NO3-
	PO43-
	SO42-
	S2-
	SiO32-

	NH4+
	
	
	
	
	
	
	
	
	
	
	
	

	Ba++
	
	
	
	
	
	
	
	
	
	
	
	

	Ca++
	
	
	
	
	
	
	
	
	
	
	
	

	Co++
	
	
	
	
	
	
	
	
	
	
	
	

	Cu++
	
	
	
	
	
	
	
	
	
	
	
	

	Fe++
	
	
	
	
	
	
	
	
	
	
	
	

	Fe3++
	
	
	
	
	
	
	
	
	
	
	
	

	Pb++
	
	
	
	
	
	
	
	
	
	
	
	

	Mg++
	
	
	
	
	
	
	
	
	
	
	
	

	Hg22+
	
	
	
	
	
	
	
	
	
	
	
	

	Hg++
	
	
	
	
	
	
	
	
	
	
	
	

	K+
	
	
	
	
	
	
	
	
	
	
	
	

	Ag+
	
	
	
	
	
	
	
	
	
	
	
	

	Na+
	
	
	
	
	
	
	
	
	
	
	
	

	Ni++
	
	
	
	
	
	
	
	
	
	
	
	

	Zn++
	
	
	
	
	
	
	
	
	
	
	
	


How Much Casein Can Be Isolated From Milk?


Milk is a mixture of many substances. Casein is one of the many proteins that can be found in milk. Casein may be isolated from milk by acid treatment, or by using rennin, an enzyme isolated from the fourth stomach of calves. The enzyme method is most often used in commercial processes. However, this lab procedure will utilize glacial acetic acid to isolate the casein.

Materials


50 mL beaker (1)


Bunsen burner

narrow range pH paper 4-6

thin-stem pipette with glacial acetic acid (1)


Filter paper



funnel

Procedure


Caution: Put on your goggles and apron now!!


Warning: Glacial acetic acid is an eye irritant. Ethanol is flammable. Check your area for any Bunsen burner flames.

Part One

1. Weight 25 mL of milk in a 50 mL beaker.

2. Heat the milk with a low Bunsen burner flame to 80 degrees Celsius.

3. Add 30 drops of glacial acetic acid using a cut-off thin-stem pipette.

4. Using the pH paper, test the milk to determine if the pH is between 4.6 to 4.8.

5. Stir for 2 minutes and then let the precipitate settle.

6. Filter as follows: decant supernatant into a funnel fitted with at least 12.5 cm-diameter filter paper. Transfer as little precipitate as possible.

7. Wash the precipitate by adding 15 mL of distilled water to the precipitate in the beaker and stir.

8. Transfer the beaker contents to the funnel. Using small quantities of water (less than 5 mL), transfer as much of the product in the beaker to the funnel as possible. If necessary, let the material filter overnight.

9. Add 15mL of 95% ethanol to the funnel and stir carefully so as not to tear the filter paper. Repeat with another 15mL of 95% ethanol. 

10. Remove the filter paper carefully and unfold. Place the unfolded filter paper between two clean dry pieces of filter paper.

11. Gently, squeeze the excess moisture from your casein.

12. Let dry overnight.

Part Two

1. To 5mL of the supernatant, add Biuret solution and observe the color.

2. To another 5mL of the supernatant, add 1mL 10% HCl and observe the color. 

3. Heat another 5mL of supernatant for 5 minutes in a boiling water bath; observe.

4. Weight the produce and calculate % yield.

5. Grind your product to a fine powder.

6. Dissolve a portion of the product and add Biuret solution.

7. Dissolve another portion of your sample and add enough glacial acetic acid to make the resulting solution have a pH below 3.

Questions

1. What other substances are contained in milk?

2. What are two commercial processes in which rennin is used?

3. Explain the process for making cheese. Is cottage cheese made in the same way? If not, explain that process also.

4. Why does the casein precipitate out when acidified to a pH of between 4.6 and 4.8? What happened when the pH went below 3?

Is Household Vinegar Really 5%?


The quantity of acid in a sample of vinegar may be found by titrating the sample against a standard basic solution.  Titration is the process for ascertaining the exact volume of a solution that reacts according to a balanced chemical equation with a given volume of known concentration of a second solution.  The endpoint occurs when stoichiometric quantities of the reagents have been mixed.  The endpoint of a titration for reactions of acids and bases is usually indicated by a third reagent, the indicator, which has an abrupt and distinctive color change at the hydrogen ion concentration which is present after neutralization has occurred.


A good indicator of choice is phenolphthalein.  Phenolphthalein is colorless in acidic solutions and red in basic solution (pink in dilute solutions).  Since it is much easier and distinctive to see a color change from colorless to pink rather than from red to pink to colorless, the sodium hydroxide will be added to household vinegar which already contains the phenolphthalein.  Most commercial preparations of vinegar have a mass percentage of between 4.0% and 5.5% acetic acid.  By determining the volume of sodium hydroxide solution of known concentration necessary to neutralize a measure volume of vinegar, the concentration of the vinegar can then be calculated.

Materials

Distilled water





5 mL commercial vinegar

            5 mL 1.0 M NaOH

1% phenolphthalein indicator

24-well plate (1)

1 mL microtip pipets (3)

           10 mL graduated cylinders (2)

Procedure


Caution:  Put on your goggles and apron now!!


WARNING:
Sodium hydroxide is caustic and corrosive.  Avoid contact and immediately rinse all spills will copious amounts of water.  Know where the eye wash station is located.

PART A:  CALIBRATING PIPETS

1. Clean and thoroughly dry the 10 mL graduated cylinders.

2. Label one pipet 1 M HaOH and fill.  Label another pipet vinegar and fill.

3. Determine the number of milliliters per drop for each of the pipets according to the following procedure:

a. Hold the pipet in a vertical position and gently squeeze the bulb to let the designated number of drops fall into the graduated cylinder (see Data Table 1).

b. Measure the volume in milliliters

c. Complete Data Table 1 before you to further.  Compute averages to 3 significant figures.  You will later round your final answer to 2 significant figures.

4.  Use the appropriate solutions in the graduated cylinders to refill the pipets for Part B.

DATA TABLE 1

	Vinegar
	50 drops
	100 drops
	150 drops
	200 drops

	Volume in mL
	
	
	
	

	Average mL/drop
	
	
	
	

	Sodium Hydroxide
	50 drops
	100 drops
	150 drops
	200 drops

	Volume in mL
	
	
	
	

	Average mL/drop
	
	
	
	


Using the data from the last column completed, record the average drop size of the vinegar and sodium hydroxide solution:


Vinegar drop size (mL) ________________


NaOH drop size (mL) _________________

To calculate how many drops of vinegar are equivalent to a drop of sodium hydroxide solution, divide the size of a drop of NaOH by the size of a drop of vinegar.  Round to 3 significant figures.  This is your correction factor.

_______drops of vinegar= 1 drop of sodium hydroxide solution

PART B: DETERMINING THE MOLARITY OF YOUR VINEGAR

1. Add 25 drops of vinegar to each of five wells in your 24-well plate.  Make sure that all drops fall directly to the bottom of the wells.  Add 2 drops of phenolphthalein to each of the five wells.  Place the 24-well plate on white paper.

2. Stir the vinegar and phenolphthalein mixture with the polyethylene stir stick.

3. Select one of the wells.  Counting the drops, add sodium hydroxide solution one drop at a time, with stirring, until you observe a faint pint color that remains for at least 30 seconds. Be sure to hold the pipet in the same manner for each drop to help assure that the drop size is uniform. Record the number of drops required in Data Table 2.

4. Repeat step #3 for each of the four remaining wells of vinegar.

5. Check your data.  All five titration pairs should agree within 1 drop of one another.  If they do not, repeat the titration.

6. Clean all your equipment and wash any left over acid or base down the sink.

Data Table 2

	Trial #
	Drops of vinegar
	Drops of indicator
	Drops of NaOH
	Drops of NaOH adjusted for drop size
	Concentration of vinegar
	Wt. % of vinegar

	One
	
	
	
	
	
	

	Two
	
	
	
	
	
	

	Three
	
	
	
	
	
	

	Four
	
	
	
	
	
	

	Five
	
	
	
	
	
	


ANALYSIS


From the coefficients in the balanced equation for the reaction between acetic acid and sodium hydroxide, complete the following mathematical relationship:

________ moles of acetic acid = _________ moles of sodium hydroxide


Adjust your drops of NaOH by multiplying the actual drops by the correction factor you determined earlier.


Use the following equation with your experimental data to determine the concentrations of acetic acid in each of the trials.

[CH3COOH]= [NaOH] X adjusted drops of NaOH

                                        Drops of vinegar


Average the values of the concentration of acetic acid in vinegar and round to 2 significant figures.  Are any of the experimental concentrations very different from the average? If so, suggest some possibilities of experimental error to explain their dissimilarity.  Compute the average without including widely discrepant data.

Is It Really 3% Hydrogen Peroxide?


Labels on commercial hydrogen peroxide solutions read 3 percent hydrogen peroxide.  Is this accurate?  The percentage of hydrogen peroxide, H202, may be determined by reacting it with potassium permanganate solution.  In the reaction, H202 is oxidized to 02 and Mn7+ is reduced to Mn2+.  The reaction is:

2MnO4- + 6H+ + 5H2O2 ( 5O2 2Mn2+ + 8H2O


From the masses of solutions used and the stoichiometry of the reaction, the percentage of H2O2 can be determined. 

Materials

Polyethylene pipets (2)

1 x 12-well late (1)

balance with 0.01 g precision

commercial H2O2
KMnO4 solution

6 M H2SO4
Procedure

Caution: Put on your goggles and apron now!!

Warning: This experiment involves two dangerous materials.  One is potassium permanganate, KmnO4, with is a strong oxidizing agent and will react quickly with skin and clothing.  The other is 6 M sulfuric acid which also reacts quickly with skin and clothing.  Avoid contact.  Wash off a spill of either solution with copious amounts of water.

1. Fill a polyethylene pipet with commercial hydrogen peroxide solution and label the pipet.

2. Fill a second pipet with KMnO4 solution (dark purple).  Record the concentration of the solution and label the pipet. 

3. Mass both pipets and record the masses to the nearest 0.01 gram. 

4. Add 15 drops of the H2O2 solution to one of the wells in your 1 x 12-well plate.  Add 2 drops of 6 M H2SO4. Save the polyethylene pipet with the H2O2 solution to mass later.

5. Add one drop at a time of the KMnO4 solution to the well in step #4 until a faint pink color persists.

6. Determine the mass of each pipet and record the values.

7. If time persists, run a second and third trial.  (Use same pipets.)

Data Table

	
	Trial #1
	Trial #2
	Trial #3

	Initial mass of H2O2 and pipet (grams)
	
	
	

	Final mass of H2O​2 and pipet (grams)
	
	
	

	Mass of H2O2 used (grams)
	
	
	

	Initial mass of KMnO4 and pipet (grams)
	
	
	

	Final mass of KMnO4 and pipet (grams)
	
	
	

	Mass of KMnO4 solution used (grams)
	
	
	


Analysis


The concentration of commercial H2O2 is approximately 3% by mass.  To check the concentration of a sample, you need to know the masses of the solution and the H2O2.


The mass of the solution is found by the simple subtraction.  The mass of H2O2 is calculated from the moles of KMnO4 reacted and the stoichiometry of the reaction

g KMnO4 soln


 ? mol H2O2
    ? g H2O2
-------------------  X  [KMnO4]  X  ---------------  X  -------------  =  g H2O2

     1


           ? mol KMnO4    mol H2O2+


In your lab report, show all your data (include masses of pipets), calculations, and percentage of H2O2.


Commercial hydrogen peroxide contains small amounts of organic compounds which are added to stabilize the hydrogen peroxide.  If these compounds react with permanganate, how will this affect your results?

Reaction Rates

.

The molarity calculation:  

molarity (M) = moles of solute  ÷  liters of solution

For this experiment, you will need to use the molarities of the solutions you are given to determine the rate and rate constant.

Prelab Questions.

1.
Calculate [ I– ] in each of the reaction mixtures for trials where you varied the concentration of solution 1.  Note that the solution 1 concentration is diluted in each trial by mixing it with other solutions and water.  You are calculating [ I– ] in the entire reaction mixture but before any reaction has begun.

2.
Name three or four other variables that might effect reaction rate and time.

3.
What was the variable you chose to investigate in part 2? What were you attempting to do to the other variables in your part 2 investigation?

4.
Give a brief synopsis of your procedure for your part 2 investigation (change your stepwise procedure into paragraph form to answer this question).

5.
Devise a data table for this part.

Materials 

10 test tubes that will hold 25-40 mL.
1 test tube rack

10 rubber stoppers to fit the test tubes

Burets marked solution 1 or 3
Solution 1:  0.100 M KI and starch

5 mL volumetric pipet
Solution 2:  0.0025 M Na2S2O3
pipet bulb
Solution 3:  3.1 M (NH4)2S2O8
Procedure:

In this experiment you will study the rate of reaction of iodide ions with peroxydisulfate ions.  You will determine the effect of changing various variables on the reaction rate and reaction time of the reaction.  The reaction is complex and involves these three equations:

Equation 1
2 I–(aq) + S2O82–(aq)  <===>  I2(aq) + 2 SO42–(aq)

Equation 2
I2(aq)  + S2O32–(aq)  <===>  2 I–(aq) + S4O62–(aq)

Equation 3
I2(aq)  +  starch  <===>  blue complex

Part I

Once you are properly attired for lab, pick up a set of test tubes and a rack.  Number your test tubes to correspond to your trial numbers.  You will investigate how the reaction time and reaction rate depend on the concentration of one of the reactants.  You will need to carry out several different trials.  The first trial you are to perform has the following chemicals and amounts.  Repeat trial 1 to get an idea of precision.  You will design several other trials to investigate how the concentration of substance 1 in the lab effects the rate.  Trial 3 is a start in seeing the effect of changing concentration of substance 1 in the lab effects the rate.  Trial 3 is a start in seeing the effect of changing the concentration of solution 1 and sometimes the concentrations of other reactants.  Design three other trials to further test the effect of solution 1 concentration.  Solution 2 must always remain 5.00 mL and the total volume cannot exceed 25 mL.

	Part I

	Trials
	Volume of Sol. 1
	Volume of Sol. 2
	Volume of Sol. 3
	Volume of H2O
	Time

	1
	10.00 mL
	5.00 mL
	10.00 mL
	-
	

	2
	10.00 mL
	5.00 mL
	10.00 mL
	-
	

	3
	5.00 mL
	5.00 mL
	10.00 mL
	5.00 mL
	

	4
	
	
	
	
	

	5
	
	
	
	
	

	6
	
	
	
	
	

	Part II

	Trials
	Volume of Sol. 1
	Volume of Sol. 2
	Volume of Sol. 3
	Volume of H2O
	
	Time

	7
	
	
	
	
	
	

	8
	
	
	
	
	
	

	9
	
	
	
	
	
	

	10
	
	
	
	
	
	


Part II

Hypothesize about some other variable or condition that would effect the reaction rate and time of this reaction.  Devise three more trials where that variable is varied.  The basic variable and design should be okayed by the teacher before you actually perform the experiment.  Again, Solution 2 must always remain 5.00 mL and the total volume cannot exceed 25 mL.

For trials 1 to 3, you must measure all volumes as accurately as possible.  Clean all glassware and rubber stoppers well before use.  Use a different test tube and stopper for each trial to prevent contamination.  For each reaction place solutions 1 and 2 and the distilled water in a clean and dry test tube.  Add solution 3 to this mixture and begin mixing and timing immediately.

Questions to answer in your conclusions:

1.
What is the qualitative relationship between reaction time and reaction rate (what happens to the reaction time as the reaction rate gets faster?  slower?

2.
Why is it essential to keep the total volume of every mixture at 25 mL?

3.
Plot a graph of the concentration of I– versus reaction time for trials where the concentration of just I– changes.  Plot time on the y-axis (why is time plotted on the y-axis?).

4.
What is the quantitative relationship of the reaction time and the concentration of I– (what happens to the reaction time as the concentration of I– doubles)?

5.
What is the qualitative relationship between reaction time and I– concentration?.

6
What is the relationship between reaction time and your chosen variable in Part II?  Explain how the data supports this (a graph would be appropriate).

Molecular Mass Determination by Solution Methods

OBJECTIVE

To gain experience in applying the quantitative laws of solutions to the determination of molecular mass.

DISCUSSION

A solute lowers the freezing point of a solvent, and provided that the solute is nonvolatile, it raises the boiling point by an amount proportional only to the concentration of the solute particles.  The chemical nature and masses of the solute particles are theoretically immaterial.  These properties of solutions, which depend primarily upon the concentrations of solute particles rather than their nature, are termed colilgative properties.  The extent of change in freezing and boiling points that one mole of a molecular solute in 1000 g of solvent produces depends on the solvent.  For the lowering of the freezing point in dilute solution, the relationship may be expressed as

ΔTf = kf x m

where ΔTf is the freezing-point lowering in °C, m is the molality, and kf is a constant for the particular solvent.  For the raising of the boiling point in dilute solution, the relationship may be expressed as 

ΔTb = kb x m

where ΔTb is the boiling-point elevation in °C, m is the molality, and kb is a constant for the particular solvent.  For water, the molal freezing-point depression constant kf is 1.86°C, and the molal boiling-point elevation constant kb is 0.512°C.  In applying this principle to determining molecular mass of solutes, it is often more convenient to use other solvents besides water: that is, solvents that have numerically greater constants and thus provide more easily measurable experimental differences.  Biphenyl is a useful solvent for measurements at the freezing point; its freezing-point depression constant being 8.0°C.  Heptane is a useful solvent for measurements at the boiling point, its boiling-point elevation constant being 3.43°C.

PROCEDURE

In this exercise you will perform either Section 1 or Section 2, as your instructor directs.

1. Molecular Mass by Freezing-Point Depression

Weigh a clean, dry 200 x 25-mm test tube to the nearest 0.1 g (1).  Fit the test tube with a two-hole stopper equipped with a thermometer and adjusted so that its bulb is about 2 cm from the bottom of the test tube.  Through the other hole pass the stem of a stirrer made from stiff aluminum of nichrome wire bent into a loop at one end, the loop being large enough to easily accommodate the thermometer without contact, and yet small enough to more freely in the test tube.

Remove the stopper, and so on, and add approximately 15 g of biphenyl to the test tube; weigh the test tube and contents to the nearest 0.1 g (2).  The difference between (2) and (1) is the weight of the biphenyl (3).

Now replace the stopper with its thermometer and stirrer, the circle of which surrounds the thermometer.  Support an 800-mL beaker of water on a wire gauze and clamp the test tube in place, so that as much of it as possible is immersed in the water.  Heat the water until the biphenyl is completely liquid.  Shut off the burner, remove the water bath, and stir the melt rapidly as it cools.  Record the temperature every 30 seconds, estimating to the nearest 0.1°C until the biphenyl is completely solid (4).

Melt the biphenyl as before and repeat the determination to check your data (5).  This value is the freezing point of biphenyl.

Weigh 3 g of naphthalene to the nearest 0.01 g (6).  Melt the biphenyl in the water bath, and while the biphenyl is in the liquid state, transfer all the naphthalene to the test tube; stir until all the naphthalene has dissolved.

Remove the water bath and stir the solution as it cools.  Record the temperature every 30 seconds until the mixture is completely solid (7).

Melt the mixture and repeat the determination as a check (8).

Plot the data obtained from the biphenyl alone and from the biphenyl plus naphthalene on one sheet of graph paper, and from the graphs decide on the freezing-point lowering due to the naphthalene. (9).

Using the equation given in the Discussion, calculate the molecular mass of naphthalene; 8.0°C is the molal freezing-point constant for biphenyl (10).

The formula for naphthalene is C10H8.  What is the actual molecular mass (11)?  What is your percentage of error (12)?

Melt the mixture sufficiently to permit removal of the thermometer, and pour the contents into the provided receptacle; do not pour the contents into the sink.  Exchange the test tube for another clean, dry test tube.

If an unknown is to be determined (see instructor), obtain about 3 mL or 3 g of the unknown and determine its molecular mass by the method used above for naphthalene.  Record your data in the manner shown in the Report form.

Melt the mixture, withdraw the thermometer, and pour the contents into the provided receptacle.  Turn in your test tube.

2. Molecular Mass by Boling-Point Elevation

Weigh a clean, dry 200 x 25-mm test tube to the nearest 0.1 g (13).  Add 20 mL of heptane to the test tube.

Now clamp the test tube so that it is half-immersed in an 800-mL beaker of water supported on a ring stand.  Obtain or prepare several 15-cm capillary tubes sealed at one end, and place two in the liquid, open end down, to ensure even boiling.  Fit the test tube with a two-hole stopper equipped with a 30-cm length of 8-mm glass tubing to serve as a condenser, and a thermometer adjusted so that its bulb is 1 cm from the bottom of the test tube.  Heat the water bath.  When a steady stream of bubbles issues from the bottom of the capillary tubes, estimate the thermometer to 0.1°C at 30-second intervals until a steady temperature is obtained (14).  This is the boiling point of the heptane.

Remove the test tube from the water bath, take out the capillary tubes, and wipe the outside of the test tube.  Weigh the test tube and contents (15); this can easily be done by standing the test tube and contents in a previously weighed smaller beaker and getting the weight by difference.

Obtain an unknown and dissolve about 4 g of it in the heptane and weigh again in the same number (16).

Add new capillaries and determine the boiling point of this solution as before but exercise extreme care that only a small part of the heptane is in the condenser at any one time.  Record the boiling point of the solution (17).

From the weight of the heptane (18), the weight of the unknown (19), and the boiling-point elevation (20), calculate the molecular mass of the unknown (21).  Use the equation given in the Discussion.

Complete the section assigned by your instructor.

1. Molecular Mass by Freezing-Point Depression

(1) Weight of test tube

(2) Weight of test tube + biphenyl

(3) Weight of biphenyl (2) – (1)

Determination of Freezing Point of Biphenyl

(4) Temperatures (°C) at 30-s intervals

(5) Repeat of (4)

(6) Weight of naphthalene (or unknown)

Determination of Freezing Point of Mixture

(7) Temperatures (°C) at 30-s intervals

(8) Repeat of (7)

(9) Plot (attach to Report)

(10) Calculated molecular mass of naphthalene (or unknown):

(11) Actual molecular mass:

(12) Percentage of error:

2. Molecular Mass by Boiling-Point Elevation

     (13) Weight of test tube

     (14) Boiling point of heptane

     (15) Weight of test tube + heptane

     (16) Weight of test tube + heptane + unknown

     (17) Boiling point of mixture

     (18) Weight of heptane (15) – (13)

     (19) Weight of unknown (16) – (15)

     (20) Boiling point elevation (17) – (14)

     (21) Calculate molecular mass of unknown: 

Answer the following questions before beginning the exercise:

1. Define the term “colligative properties.”

2. What is the molality of a solution that contains 0.875 g of ammonia, NH3, in 175 g of water?

3. Why is water not as useful a solvent as, for instance, heptane, in determining molecular mass by boiling-point elevation?

4. How much does the boiling point of water change when 1.00 g of sucrose, C12H22O11, is dissolved in 50.0 g of water?

5. How must does the boiling point of water change when 1.00 g of salt, NaCl, is dissolved in 50.0 g of water?

6. (Underline correct answers)

Solutes added to solvents (raise, lower) the freezing point of the solvent, and (raise, lower) the boiling point of the solvent.

The Chemistry of Copper

Introduction:


There are many chemical reactions that have been studied to date, and many more are being discovered annually.  These reactions can be classified into one of several categories: synthesis, decomposition, single replacement, double replacement, and combustion.  In some cases, the reactions do not easily fall into one of these categories, and are simply referred to as redox reactions, reactions that involve oxidation and reduction.  Regardless of the classification, one of the fundamental natural laws which apply to chemical reactions is the conservation of mass.  During a chemical reaction, the total mass of all reactants will be the same total mass generated in products.  For example, 2.0 g of hydrogen reacts with 16.0 g of oxygen to produce 18.0 g of water.  Looking at the balanced chemical equation for this reaction below, it may not be obvious that the mass is constant from reactants to products.  However, with knowledge of molar mass from the periodic table it becomes apparent that mass is conserved, just as the number of atoms is conserved.  This is associated with Dalton’s atomic theory.





2 H2 (g) + O2 (g) ( 2 H2O (l)


The objective of this lab is to observe the law of conservation of mass in chemical reactions.  This will be accomplished through a series of chemical reactions where copper is converted from elemental form (solid copper wire) into several compounds, then back to its elemental form.  Knowing the initial mass of the copper wire, the mass of copper recovered at the end of lab can be evaluated for mass conservation.  The first reaction, illustrated below, involves the oxidation of copper with nitric acid, resulting in a blue-green colored copper (II) nitrate, Cu(NO3)2, solution.  Following the addition of sodium hydroxide, a double replacement or precipitation reaction produces a milky-blue copper (II) hydroxide solid.  The third reaction involves decomposition of the of the hydroxide compound to a black copper (II) oxide solid while applying heat.  After filtering the oxide, sulfuric acid is added to the solid to produce a blue copper (II) sulfate solution in a double replacement, or more specifically an acid-base reaction.  Finally, solid elemental copper is recovered through a single replacement reaction by the addition of zinc metal filings.



Cu (s) + 4 HNO3 (aq) ( Cu(NO3)2 (aq) + 2 NO2 (g) + 2 H2O (l)
Caution: The nitric acid and sulfuric acid used in this lab are concentrated (16 and 6 M) and very corrosive.  Avoid inhalation of vapors and skin contact with solutions.  Work with nitric acid in fume hoods only!  In addition, methanol and acetone are very flammable liquids and should be kept away from open flames and contact with hot plates.

Procedure:

1. Obtain a piece of copper wire, approximately 0.500 g, and place in a large beaker such that it lies flush with the bottom.

2. In the fume hood, add 5 mL of 16 M nitric acid to the beaker with the copper wire.  With instructor’s approval, add additional nitric acid in 1 mL increments to react with all of the copper.  Avoid inhalation of the toxic, yellow-brown nitrogen dioxide gas produced.

3. Dilute the copper (II) nitrate solution with 100 mL of water.  Then add 30 mL of 3 M NaOH while stirring to produce the Cu(OH)2 precipitate.

4. Add a couple boiling chips and heat the mixture on a hot plate until all of the solid is black, indicating the decomposition to CuO.

5. Using gravity filtration, separate the black solid from the solution.  Then add 15 mL of 6 M H2SO4 to the funnel to dissolve the black solid.  Use your pipette to recycle the acidic solution until all of the CuO has reacted (dissolved).

Procedure cont.

6. Obtain 2 g zinc filings and add to the copper (II) sulfate solution to produce copper solid.  Adding the Zn in 0.5 g increments may prevent using more than is necessary.

7. When no blue color remains to the solution and all excess Zn has reacted, decant the supernatant from the copper and transfer the copper to an evaporating dish.  Carefully wash the solid copper with 5 mL water, 5 mL methanol, and finally with 5 mL of acetone.

8. Dry the copper over a hot water bath.  When dry and cool, weigh the copper product.

Pre-lab questions: (answer on a separate sheet of paper)

1. Write complete ionic equations for the five reactions essential to this experiment.

2. In a reaction involving 4.0 g H2 and 40.0 g O2 producing water, which reactant is the limiting reagent?

3. How many grams of Cu(OH)2 can be produced from the reaction of 0.500 g Cu with 30.0 mL of 3.0 M NaOH?  Which reactant is the limiting reagent?

4. If only 0.650g Cu(OH)2 was isolated from the above mixture, what is the percent yield?

Report:

Provide the initial mass of copper wire, mass of recovered wire, and percent yield (recovery).

Comment on any discrepancies with the law of conservation of mass.

Post-lab questions:

1. What was the change in oxidation number of copper when converted from Cu (s) to Cu(NO3)2?

2. What was the change in oxidation number of nitrogen when NO3-1 was converted to NO2?

3. During the addition of Zn to the copper (II) sulfate solution, an odorless, colorless gas was produced.  What is the gas?  

4. If this “side” reaction did not occur, what mass of the 2.0 g Zn would remain if the initial mass of                                          Cu wire was 0.50 g?

5. How many milliliters of 3.0 M sulfuric acid are required to react with 0.800 g of CuO?

The Rate of an Iodine Clock Reaction

PURPOSE


You will examine an iodine clock reaction in this experiment.  Your goals are to determine the rate constant, to measure the activation energy, and to evaluate the influence of a catalyst.

BACKGROUND


The reaction that you will examine is the reduction of potassium persulfate (K2S2O8) by sodium iodide (NaI) in aqueous solution.  The net ionic equation for this reaction is 

S2O82- + 2 I- (  2 SO42- + I2
The general form of the rate law for this reaction will be

Rate = k[S2O82-]m[I-]n
You will deduce values for the exponents m and n and determine the value of the rate constant k by using the method of initial rates.


Initial-Rate Method.  A rate law can be determined experimentally from measurements of the initial rate of a reaction at a series of initial reactant concentrations.  The initial rate is the rate at the moment the reactions are mixed.  The initial concentrations are the concentrations of the reactants at the moment they are mixed.  In this experiment, the initial rate will be given by

Initial Rate = Δ[S2O82-] / Δt

When the concentrations in the rate equation are the initial concentrations the rate is the initial rate.

Initial Rate = Δ[S2O82-] / Δt = k[initial S2O82-]m[initial I-]n = Rate (at initial concentrations)

The initial concentration of each reactant will be obtained by a simple dilution calculation (M1V1 = M2V2) where:






     Volume taken

Initial [reactant] = original [reactant] x ------------------




  

      Final volume


You will be able to deduce the exponents of the rate law after you measure the initial rates of the reaction in three separate trials.  Trial 1 will be the reference.  The initial rates of Trial 2 and 3 will be compared to that in Trial 1.


In Trial 2, the initial concentration of S2O82- ions will be twice that of Trial 1 but the initial concentration of I- ions will be unchanged, or

[S2O82-]2 = 2 [S2O82-]1
[I-]2 = [I-]1
The subscripts refer to the trials.  The rate law for each trial will be

Trial 1: Rate1 = k[S2O82-]1m[I-]1n

Trial 2: Rate2 = k[S2O82-]2m[I-]2n

                          = k(2[S2O82-]1)m[I-]1n

                              = 2m x k[S2O82-]1m[I-]1n

= 2n x Rate1
We have been able to write Rate2 in terms of Rate1 because of the initial concentration conditions.  The important outcome is that the rate in Trial 2 will be 2m times the rate in Trial 1.


In Trial 3, the initial concentration of S2O82- ions will return to the value in Trial 1 but the concentration of I- ions will be twice that in Trial 1, or 

[S2O82-]3 = [S2O82-]1
[I-]3 = 2 [I-]1
The rate laws will be

Trial 1: Rate1 = k[S2O82-]1m[I-]1n

Trial 3: Rate3 = k[S2O82-]3m[I-]3n

                          = k[S2O82-]1m(2[I-]1)n
                             = 2n x k[S2O82-]1m[I-]1n

              = 2n x Rate1

Again, we have been able to write Rate3 in terms of Rate1 because of the initial concentration conditions.  The important outcome is that the rate in Trial 3 will be 2n times the rate in Trial 1.


After you have determined Rate1, Rate2, and Rate3, the exponents can be deduced from the ratios

                  Rate2      2m x Rate1
--------  =  -------------- = 2m

       Rate1           Rate1

       Rate3      2n x Rate1
--------  =  -------------- = 2n

       Rate1           Rate1


Consider the following example.  Suppose that your measurements show that Rate1 = 1.3 x 10-5 mol/L · s and Rate 2 = 5.2 x 10-5 mol/L · s.  The ration of these is

               Rate2       5.2 x 10-5 mol/L · s

--------  =  --------------------------
     Rate1      1.3 x 10-5 mol/L · s
       Rate3      

      --------  =  4.0 = 2m

       Rate1      

As you can see, 2m can only equal 4.0 when m is 2.  Similar considerations would allow you to identify the value of the exponent n.


What does the reaction order tell us?  It tells us what will happen to the reaction rate when the concentration of a reactant is changed.  For instance, in the example above the reaction order with respect to S2O82- was found to be 2.  This means that if the concentration of S2O82- were doubled the reaction rate would be quadrupled.  Likewise, if a reaction order were 1 with respect to a given reactant, the reaction rate would double if the concentration of that reactant were doubled.


Measuring the Initial Rate.  This experiment has one big advantage: it allows you to measure the initial rate easily.  However, there is a price that must be paid for this ease: the method that you will use is somewhat difficult to understand.


To obtain the initial rate (Δ[S2O82-]/Δt), you will measure Δ[S2O82-], the change in the initial concentration of S2O82- ions and Δt, the elapsed time during that change.  It is the measurement of Δ[S2O82-] that is difficult to understand.


A new reaction will be coupled to the one that you are studying.  The new reaction is the reduction of I2 by sodium thiosulfate (Na2S2O3).  The net ionic equation for this reaction is

.

I2 + 2 S2O82- ( 2I - + S4O62-

Where S4O62- is the tetrathionate ion.  You are not studying the rate of this reaction!  This reaction is used only to monitor the rate of the reaction that you are studying.  It is called a reporter reaction.  The new reaction is very fast, but you are not otherwise interested in its rate.


Let us compare the two reactions:

S2O82- + 2I - ( 2SO42- + I2 (slow)

I2 + 2 S2O32- ( 2I - + S4O62- (very fast)

As you can see, I2 is produced in the first reaction, the reaction whose rate you are studying, and consumed in the second reaction.  Because of the relative rates of these reactions, I2 is consumed in the second reaction as fast as it is formed in the first reaction.  The reactions are coupled because of this relationship.


Consider a solution that initially contains S2O82-, I-, and S2O32- ions. No I2 can be present as long as S2O32- ions are present.  However, the S2O32- ions are being consumed in the second reaction, and a time will come when these ions are gone.  When that occurs, I2 will be detected by the sudden appearance of a dark color.  This color results from the interaction of I2 with starch that has been added as an indicator.  You will be measuring the time required for the sudden appearance of the dark color.  It turns out that this time is Δt, one of the quantities that you will need to determine the initial rate.


As you have seen, the appearance of the dark color marks the time at which all of the S2O32- ions have been consumed.  We will now examine how this event is related to Δ[S2O82-], the other quantity that you will need to determine the initial rate.


Consider the two reactions.  Because of their relative rates, you can see one S2O82- ion is reduced for every two S2O32- ions that are oxidized.  Thus, the concentration change for S2O82- ions will be one-half the concentration change experienced by the S2O32- ions, or

Δ[S2O82-] = (1/2) Δ[S2O32-]

Where Δ[S2O32-] is given by

Δ[S2O32-] = initial [S2O32-] – final [S2O32-]

Since all of the S2O32- ions will have been consumed when the dark color appears, we can state that 

final [S2O32-] = 0

so that

Δ[S2O32-] = initial [S2O32-]

We can now write

Δ[S2O82-] = (1/2) Δ[S2O32-] = (1/2) x initial [S2O32-]


It is interesting to note that Δ[S2O82-] can be calculated before you ever do a reaction since this quantity depends only on the initial concentration of S2O32- ions.  As a result, Δ[S2O82-] will be calculated in the Prelaboratory Questions and Δt will be measured in the laboratory. 


Another Consideration.  The rate of the reaction that you are studying will be influenced by the concentrations of the reactants, as you would expect from the general form of the rate law.  The rate is also influenced to a degree by the overall concentration of ions and charges in the solution.  This well-known dependence cannot be seen in the rate law.


You will maintain a constant concentration of ions and charges by adding, where required, ionic substances that will not react.  Trial 1 has one-half the amount of K2S2O8 that is found in Trial 2.  The deficiency of ions and charges is overcome by the addition of inert K2SO4. Similarly, since Trial 1 has one-half the amount of NaI that is found in Trial 3, inert NaCl is added to maintain the concentration of ions and charges.


The Effect of Temperature.  Trail 1 will be repeated at a higher temperature.  Although the exponents m and n will not change, a new rate constant will need to be evaluated.  The activation energy for the reaction will be calculated from the rate constants at the higher and lower temperatures by way of the Arrhenius equation.  The expanded form of this equation is 

Log (k2k/1) = (Ea/2.303R) [(1/T1) – (1/T2)]

Where T1 and T2 are the lower and higher temperatures in Kelvin, k1 and k2 are the corresponding rate constants, and Ea is the activation energy.


The Effect of a Catalyst.  The catalyst that you will use in this experiment will be CuSO4.  This substance will affect the rate of the chemical reaction that you are studying.


Clock Reactions.  The coupled reactions that you are using in this experiment belong to a class of reactions known as clock reactions.  When iodine is involved, the reaction is called an iodine clock reaction.


The completion of any iodine clock reaction is marked by the sudden appearance of a dark color due to the interaction of I2 with starch.  This color appears so abruptly when the reaction is handled correctly that it can be as startling as the sudden sound of the alarm bell from a clock.


The time required for the appearance of the dark color can be adjusted by adjusting the concentrations of the reactants or by adjusting the concentration of Na2S2O3.  As a result the color alarm on a clock reaction can be set just as the sound alarm on a clock can be set.


Safety Concerns.  Copper sulfate is a heavy metal and is toxic to a degree.  Review the Safety Agreement, especially the section on chemical spills.
PROCEDURE

Starting the Experiment

1. Work with a partner.

2. Obtain 3 large (18 x 150 mm) test tubes with rubber stoppers, a 5-mL graduated (Mohr) pipet (check Appendix A for the precision for this type of pipet), and a thermometer.

3. Obtain 30 mL of 0.20 M K2S2O8, 30 mL of 0.20 M NaI, 20 mL of 0.20 M K2SO4, 20 mL of 0.20 M NaCl, 15 mL of 0.010 M Na2S2O3, and 15 mL of 2% starch solution in clean, labeled beakers or flasks.

Obtaining Data for Determining the Rate Law

1. Note and record the temperature of the laboratory to the nearest tenth of a degree.  This is the temperature of every solution that has not been heated.

2. Place identification numbers (1,2, and 3) on the test tubes with a marking pencil.

3. Use the quantities shown in the following table to prepare the required solutions.  The procedure for making these solutions is given in the steps that appear after the table.

	Test Tube Number
	NaI

(mL)
	NaCl

(mL)
	Na2S2O3
(mL)
	Starch

(mL)
	K2SO4
(mL)
	K2S2O8
(mL)

	1
	2.0
	2.0
	2.0
	1.0
	2.0
	2.0

	2
	2.0
	2.0
	2.0
	1.0
	0
	4.0

	3
	4.0
	0
	2.0
	1.0
	2.0
	2.0


4. Rinse your pipet with distilled water and then several small portions of the 0.20 M NaI solution.  Discard each portion.

5. Add the correct amount of 0.20 M NaI to each of the test tubes.  The correct amount is given in the table.

6. Repeat steps 4 and 5 substituting first 0.20 M NaCl, then 0.010 M Na2S2O3, then 2% starch, and then 0.20 M K2SO4 for the NaI solution.  Do not use the K​2S2O solution yet!

7. Rinse your pipet with distilled water and then with several small portions of K2S2O8 solution.  Discard each portion

8. Read steps 9 and 10 completely before doing them.

9. Note and record the time at the instant that you pipet the required amount of the K2S​2O8 solution into the first test tube.  Quickly insert a rubber stopper in the test tube.  Mix the solution thoroughly by inverting the test tube 15-20 times while shaking it.  You must have a completely homogeneous solution1

10. Note and record the exact time for the appearance of the dark color.  Be alert!  If you have mixed the solution thoroughly, the dark color will appear throughout the test tube at the same time.  If it does not, you must repeat the trial.  This trial should require less than 4 minutes.

11. Calculate and record the elapsed time.

12. Repeat steps 9-11 with the second and third test tubes using the quantities of the K2S2O8 solution shown in the table.

13. Wash, rinse and dry the test tubes.

14. Repeat steps 3-13 until you have 2 identical trials for each set of conditions shown in the table.

15. If the elapsed times that you have obtained for two identical trials differ by more than 10 seconds, repeat until that agreement is achieved with 2 successive trials.

Completing the Experiment

1. Renumber two of the test tubes (4 and 5) and remove the old number from the third test tube.

2. Prepare a 250-mL beaker of water at about 35°C by adding hot water to cold water.

3. Read steps 4-10 before doing them.

4. Prepare Test Tube 4 by using the same amounts of the solutions of NaI, NaCl, Na2S2O3, starch, and K2SO4 that you used for Test Tube 1 (see table).  Do not add the solution of K2S2O8 yet!  Put the test tube in the water bath.

5. Place about 4 mL of the K2S2O8 solution in the unmarked test tube.  Put the test tube in the water bath.

6. Allow the test tubes to remain in the water bath for about 5 minutes.  During this time, add sufficient hot water to the bath to maintain the temperature at about 35°C.

7. Pipet the required amount of the warm K2S2O8 solution into Test Tube 4 while noting and recording the time.

8. Quickly insert a rubber stopper into Test Tube 4, remove the test tube from the bath, and mix the contents thoroughly for a few seconds.  Replace the test tube in the bath.  Be alert!

9. Note and record the time when the dark color appears.  Calculate the elapsed time.

10. Measure and record the temperature of the solution to the nearest tenth of a degree.

11. Prepare Test Tube 5 by using the same amounts that you used for Test Tube 1 (see table).  Do not heat this solution!  However, before you initiate the reaction with the required volume of the K2S2O8 solution, add 1 drop of 0.20 M CuSo4 and shake the test tube gently.  Be alert!  Note and record the time when the dark appears.

Clean-Up

1. Put all leftover chemicals in the waste bottle in the waste hood.

2. Test tubes and Mohr pipettes are disposable glassware and should be disposed of in the broken glass buckets.

LABORATORY REPORT GUIDELINES

BEFORE THE EXPERIMENT:

1. Answer the Prelaboratory Questions.

2. In your notebook:

A. Title.  Write a title for your report that clearly and concisely summarizes the experiment.

B. Introduction.  Use the following questions as a guide when writing your introduction.  Remember that the introduction should be short and concise.

1) What is the purpose of this experiment?

2) What parts of the rate law will be determined using the initial-rate method?

3) What is done to the concentration of the reactants in the initial-rate method?

4) What quantities will be used in the calculation of the initial rate for the iodine clock reaction?

5) What is the activation energy?

6) What will be done in lab to determine the activation energy (Ea)?

7) What variable in the Arrhenius equation must be determined using the lab results?

8) What chemical will be used as a catalyst and how will its affect on the reaction be determined?

C. Procedure.  Write a condensed “to do” version of procedure.  For this experiment be sure to copy the “Procedure” table from the manual into your notebook.

D. Results/Analysis.  In order to leave yourself the necessary amount of space for each of the items below, you will need to understand how the calculations will be done.

1) For each test tube, prepare a table with enough columns and rows to record the following data: lab temperature, trial number, start time, end time, elapsed time.  Note that for test tubes 1-3 you must do at least two trials.  We suggest you set aside 3-4 rows for these test tubes to record elapsed time per test tube.  Test tubes 4 and 5 have only one trial.

2) Calculate the initial rates for the reactions in Test Tubes 1, 2, and 3 using the value of Δ[S2O82-] that you determined in the Prelaboratory Questions and the mean elapsed times.  Be careful of units.

3) Obtain the reaction order (exponent) for the S2O82- ions and the reaction order (exponent) for I- ions.  Remember that experimental error will have affected your results.

4) Calculate the initial concentrations of the S2O82- and I- ions in Test Tubes 1, 2, and 3.  Remember that dilution occurred when the solutions were prepared.

5) Calculate the rate constants (k) for the reactions that occurred in Test Tubes 1, 2, and 3 and obtain the mean k.  Be careful of units.  Hint: start by writing the rate equation with the correct reaction orders and initial concentrations.

6) Calculate the rate constant at the higher temperature using your results from the reaction in Test Tube 4.

7) Calculate the activation energy.

DURING AND AFTER THE EXPERIMENT:

1. If you make a mistake or intentionally change the procedure, make a note of it in your notebook.  Students in the past have gotten mixed up while preparing the mixtures in test tubes 1, 2, and 3.  Organize yourself to be sure to add all the solutions in the correct amounts to the correct test tubes.  For example, you might try putting an check in each box in the “Procedure” table after you measure out each chemical.

2. Record your data in the Results/Analysis section that you prepared.  Record your observations of the experiment in your notebook.  Remember to show calculations with formulas (equations) and correct units.

3. Discussion.  Write your interpretation of your results in your notebook.  For your discussion for this experiment you should:

A. Explain what happened to produce the color change.  Explain why the time it took for the color to appear was different for each test tube.

B. Explain what the reaction orders of the two reactants mean?  That is, how is the rate affected by changing the concentration of S2O82-?  How is the rate affected by changing the concentration of I-?

C. Explain how temperature differences affected the rate of the reaction.

D. Discuss possible sources of error in the experiment and state whether any of these were a problem in your experiment.

4. Conclusion.  Write what you can conclude from this experiment about the problem posed in your introduction.  The conclusion for this experiment should include:

A. What can you conclude from your data about the kinetics (the rate) of the reaction of potassium persulfate and sodium iodide?

B. What do your results demonstrate about the effect of concentration, temperature, and catalysts on the rate of a chemical reaction?

PRELABORATORY QUESTIONS

1. a. What is the chemical equation for the reaction whose rate is being studied?

b. What is the chemical equation for the reaction that will allow you to know               Δ[S2O82-]?

2. Calculate Δ[S2O82-] for the reactions that will occur in Test Tubes 1, 2, and 3.

3. Consider the compositions of the solutions in Test Tubes 1, 2, and 3.  Which reaction will probably have the longest time for the appearance of the dark color?  Why?

4. What catalyst will be used in this experiment?  In which test tube will it be used?  What do you expect to be the result of the catalyst on the rate of reaction?

Which Food Coloring Dye Has The Largest RF Value?


Many commercially available food dyes are mixtures.  Paper chromatography is used in this experiment to separate the dyes and determine their R​f values.  Chromatography involves a mobile phase and a stationary phase.  In the paper chromatography, the stationary phase is the paper that contains and supports the mobile phase.  The mixture to be separated is placed at one end of the paper.  As capillary action draws it up the paper, the mobile phase (solvent) passes over and dissolves the mixture.  The components of the mixture differ in their attractions to the mobile and the stationary phases, causing each to migrate at a different rate up the paper.  Thus, the components of the mixture separate as they migrate up the paper.


The ratio of the distance traveled by each component to the distance traveled by the solvent front is described as the R​f value of

Rf = distance traveled by component / distance traveled by solvent front

Materials

Jumbo pipet (1)

Thin-stem pipet (1)

Chromatography paper

Scissors

Metric ruler (1)

Distilled water

Pencil (1)

Mixtures: water soluble pens, food dyes
Procedure

Caution: Put on your goggles and apron now!!

1. Cut a strip of chromatography paper so that it is about 0.5 cm wide by 15 cm long.

2. With a pencil, make an “X” 2 cm from one end of the paper strip.

3. Make a small dot of the mixture to be tested on the “X” and let it air dry.  Be sure to keep the dot small (2-3 mm wide).

4. Tape paper on stirring rod 
5. Put it across a beaker that has water in it.
6. Do not let the X with the sample get in the water
7. Allow the solvent to travel up the strip.  When the solvent almost reaches the end of the strip, take the strip out of the pipet.  Mark the leading edge of the solvent and the approximate center of each colored region.

8. Measure the distance the solvent traveled from the “X” to the leading edge.

9. Measure the distance each component of the mixture covered from the “X” to the approximate center of each colored region.

10. Calculate the Rf​ for each component in the mixture.

Analysis

1. Distance traveled by the solvent:

2. List the color of each component and the distance traveled.

	Color of component
	Distance traveled by component

	
	

	
	

	
	

	
	


3. Calculate the Rf value for each component.  Show your work.

4. Why should one not use an ink pen or other similar marker to mark the starting point?

5. If a particular component had a greater attraction for the paper than it did for the solvent, would you expect the component to be near the origin of the top of the paper after allowing the chromatogram to form?

6. If one component has an Rf value of 0.64 and another component has an Rf of 0.87, how far apart would the two components be from each other after the solvent has traveled 12.0 cm?  Show your work.

Water of Hydration


Your objective is to find the percent of water in a hydrated salt, and to find the formula for the hydrate, knowing the percent of water and given the formula for the anhydrate.  

PROCEDURE:  You will receive a hydrated salt, and the formula for the corresponding anhydrous salt.  Then, you will find the percent of water in the hydrate, and the formula for the hydrate with this information. 

First, gather about 3 grams of a hydrate.  Record the formula of the corresponding salt (l).

Get a clean crucible and its matched cover.  Practice, with crucible tongs, slightly tipping the cover.  Support the crucible and its tipped cover on a clay triangle and dry by heating for 5 minutes with a Bunsen flame.  Shut the flame off and allow the crucible and cover to cool to room temperature.  (About 10 minutes).  If not cooled to room temperature, an accurate weighing cannot be made.  Make sure you handle the crucible and cover with crucible tongs from this point on.  This will keep the moisture from the hands off of the crucible and its cover. 

The cooled crucible and cover should be weighed to 0.01 grams.  Put about a 2 gram sample of your hydrate in the crucible and weigh, with the cover, to 0.01 grams.  

Put the covered crucible on the clay triangle, tip the cover slightly to allow the water vapor to escape, and very gently heat the crucible for about 5 minutes.  Then heat strongly for another 15 minutes.  The burner flame should be so adjusted that the crucible bottom becomes dull red during this period of heating.  Then remove the flame, close the cover, and cool to room temperature (about 10 minutes).  Weight to 0.01 grams.

Repeat the heating at maximum temperature, with cover tipped, for an additional 6 minutes, cool with cover closed, and reweigh.

If the decrease in weight between these two weighings differs by more than 0.1 gram, repeat once more.  It is necessary for a constant weight to be obtained, to ensure that all the water of hydration has been driven off.  Record the final weight.

Calculate the percent of water in your hydrate. 

Calculate the gram formula mass of you anhydrous salt by adding the gram atomic mass in the formula of your sample.  Find the number of moles of anhydrous salt in the amount of sample used.  Find the number of moles of water of hydration driven off from the sample.  

The ratio of the moles of anhydrous salt to the number of moles of water can be simplified to whole numbers by dividing each ratio by the smaller of the two numbers. 

Using this ratio of whole numbers, write the formula of your hydrate as follows:

Anhydrate (expressed as its formula)  X  H2O

Where “x” is the number of moles of water of hydration per mole of anhydrate. 

1. Formula of your salt:  

2.  Mass of crucible and cover                                                                   _________ g

3.  Mass of crucible, cover, and hydrate (before heating)                          _________ g 

4.  Mass of crucible, cover, and anhydrate (after heating) 1st weight        _________ g

5.  Mass of crucible, cover, and anhydrate (after heating) 2nd weight      __________ g 

6.  Mass of crucible, cover, and anhydrate  (after heating) 3rd weight      __________ g

7.  Mass of crucible, cover, and anhydrate (Final)  Mass (7) – (2)           __________ g 

8. Percent of water in your hydrate (show calculation):                         __________ g 

Mass of water X 100 = %water

Mass of hydrate 

9. Gram formula mass of anhydrate:

10. Moles of water anhydrate used (show calculation):

11. Moles of water of hydration:

12.  Ratio =  (11) / (10), to be simplified to whole numbers:

13.  Formula of your hydrate:

Answer the following questions…

1.  Define the following terms:  a.  Hydrate   b.  Anhydrate  c. Water of Hydration

2.  What does the centered dot in the formula for sodium carbonate decahydrate, 

     Na2CO3 .  10H20, stand for?

3.Write a balance equation for the decomposition by heating of copper(II) sulfate pentahydrate :

4.  Why must a constant final weight be obtained in carrying out this experiment?

5.  Calculate the theoretical percent of water in copper (II) sulfate pentahydrate:

6.  In an experiment a student used a 2.00 gram sample of hydrated copper (II) sulfate.  Using the theoretical percent of water found in question #4, show how the formula of the hydrate may be determined.  

Ice Cream in a Bag
The molality and freezing point depression calculations:  

molality (m) = moles of solute  ÷  kilograms of solvent
For every molal, the freezing point of water will drop 1.86 oC

For this experiment, you will need to determine the mass of sodium chloride you add to the ice and change that into moles of sodium chloride.  You will need to determine the mass of your ice and change that gram amount into kilograms.  Once you know your molality determine the freezing point depression and subtract that from 0 oC to determine water’s new freezing point.

Materials (per two person lab group):

 (2)
3/4 cup of whole milk 
1/4 cup rock salt

(2)
4 tbsp sugar
1/3 gallon (gallon ziplock 1/3rd full) ice cubes

2 sandwich size ziplock
1 gallon size ziplock

2 plastic spoons
A watch or clock

2 full sheets of newspaper

Thermometer

Procedure:

While one partner holds a small ziplock bag, measure and mix together the milk and sugar until the sugar dissolves.  Exhaust as much air from the bag as you can and then seal the bag making sure that the seal is complete (if you don’t have a good seal you will have salty ice cream).  While the other partner holds a small ziplock bag, repeat these steps.

Mass an empty gallon size ziplock bag.  Add to the bag about a third of a gallon of ice and mass the bag with the ice without exceeding the capacity of the balance.  Take the tempurature of the ice carefully so you do not puncture the bag and that you do not break the thermometer.  Mass one of the 1/4 cup measuring cups and then mass 1/4 cup of rock salt.  After you have massed the salt, add the salt to the ice. You now have the data you need to calculate the molal concentration of sodium chloride (rock salt) in solid water.  To the ice and salt mixture, carefully insert your bags of milk and sugar so they are each surrounded by ice.  Now take the temperature of the ice again, this will be your zero minute reading.  Start timing the experiment.  Evacuate the excess air from the bag and seal the gallon ziplock.  Again, make sure you have a good seal on the bag.

Wrap the bag with newspaper, two sheets thick, taking care to allow your lab group easy access to the seal on the bag.  Now shake the bag until you are two minutes after the zero minute mark.  Open a corner of the ziplock bag and take the temperature of the salt, ice, and water mixture.  Repeat taking the temperature procedure at 4, 6, and 8 minute intervals.  If your ice cream is not done continue till you have reached the 10 minute mark and take one more temperature and then stop.

Questions to answer in your conclusions:

1.
What causes the temperature of the water, ice, and salt mixture to drop?  Where does the energy come from to melt the ice?

2.
Does the temperature drop of the water, ice, and salt mixture match your theoretical temperature drop as indicated by your molality?

3.
Where does the energy of the milk and sugar mixture go when it turns into ice cream?

4.
Why are we using whole milk?  What kind of molecules are in whole milk that will allow it to solidify?  Why does sugar readily dissolve in whole milk and water?

The Identity of an Unknown Compound

BACKGROUND


This experiment emphasizes the importance of accurate observations and the inferences that can be drawn from those observations.  If you make accurate observations and record them faithfully, you will be able to identify the unknown compound without difficulty.  Accurate observations are the only criterion for success.  No prior knowledge of the chemistry that you will observe is necessary or assumed.


You will be given sold samples of sodium chloride (NaCl), sodium iodide (NaI), sodium hydrogen carbonate (NaHCO3), sodium carbonate (Na2CO3), sodium hydrogen phosphate (Na2HPO4), and sodium sulfate (Na2SO4) as well as solutions of these compounds in water.  You will test these compounds for reactions with nitric acid (HNO3), barium nitrate (Ba(NO3)2), silver nitrate (AgNO​​​​3), and an acid-base indicator called thymol blue.


You will also be given an unknown sample that will be identical to one of the solid samples.  You will test this substance like you tested those samples.  You will be able to determine the unknown sample’s identity by matching its characteristic reactions with those of the known samples.


As you do this experiment, you will find that there are certain signals that indicate when a chemical reaction has occurred.  These signals include a color change, the evolution of a gas, temperature change, and the formation or disappearance of a precipitate.  They are usually easy to see when you know what to expect.  A color change requires no explanation.  When gases are evolved, many bubbles will form rapidly and move up through the solution.  Finally, precipitates are solids but they may be so finely divided that they make the solution appear milky.  If allowed to sit for some time, the solid precipitate will usually settle to the bottom of the solution.


You will need to record many details as you do the tests.  For example, if there is a precipitate, record the color of the precipitate and perhaps whether it settled to the bottom if allowed to sit for some time.


It is possible that you will observe results with the unknown that do not match any of the results with any of the known compounds.  Most likely these “strange” results are due to the fact that the unknown solutions will not be the same concentration as the known solutions.  For instance, if the concentration of the unknown is lower than the known, it may produce less gas or less precipitate.  Strange results may also occur if a sample becomes contaminated.  To avoid contamination use clean test tubes, spatula, and stirring rods.  If you suspect that you have a contamination problem, redo the test.


Some Typical Mistakes.  When a student attempts to dissolve a solid sample in a solution, all of the solid may not dissolve.  Very often, the student will be fooled and report incorrectly that a precipitate has formed.  How will you distinguish between the two possibilities if this situation occurs during the experiment?  The original solid sample may be crystalline.  Crystals will be easily seen even when they are covered with a solution.  Moreover, the crystals will usually be at the bottom of the test tube.  A precipitate, however, will have a milky appearance that initially will tend to spread throughout the solution.


Two less common mistakes concern the evolution of a gas.  If only two or three bubbles are seen, gas evolution has not occurred.  When gas is evolved during this experiment, it will be very noticeable.  There will be a lot of bubbles moving rapidly upward.  On occasion a student will record incorrectly that a gas was evolved after observing a foggy vapor that forms above the solution.  This vapor is most likely water vapor or steam produced by the heat generated when a strong acid such as nitric acid is added to a solution that contains water.


Finally students have mistaken density gradients for both gas evolution and the formation of a precipitate.  Density gradients occur when two solutions that have different densities are combined.  The density of a solution will depend on the concentration or amount of chemical that is dissolved in the solvent, which is water in this case.  So when a solution that is highly concentrated is added to a solution that is less concentrated, density gradients will result.  The density gradients are difficult to describe.  They look like the two solutions are slowly swirling around each other.  They have no color but can make the solution appear cloudy.  Their appearance could be compared to the waves that can be seen above a hot road on a summer day.  Until the two solutions are completely mixed, density gradients can be observed.  Thorough mixing of all samples will be essential in this experiment.


Safety Concerns.  Nitric acid and ammonia can cause chemical burns in addition to ruining clothing.  Silver nitrate solutions are toxic to a degree.  They will also stain skin and clothing a dark purple-brown color.  Wear the rubber gloves available in the laboratory during this experiment.  Review the Safety Agreement at the beginning of the manual, especially the sections on chemical spills and protective clothing.

PROCEDURE

Starting the Experiment

1. Work alone.

2. Obtain your unknown compound from your laboratory instructor.  Record its unknown code or number

3. Also obtain 7 small (130 x 100 mm) test tubes, a medicine dropper, and several strips of red and blue litmus paper.

4. Obtain a pair of rubber gloves.  Wear gloves throughout this experiment.

5. Care must be taken to keep the containers of solid chemicals from becoming contaminated with other chemicals.  Use a clean spatula to remove a chemical from its container.  Never return leftover chemical to its container.

6. Collect all chemical waste in a large beaker.  When this beaker becomes full and/or when you are finished with the experiment, pour the contents of this beaker into the waste bottle in the waste hood.

Testing for Gas Evolution and Other Effects

1. Mark your test tubes for recognition with a marking pencil.

2. Use a clean spatula to place NaCl, NaI, NaHCO3, Na2CO3, Na2HPO4, Na2SO4, and the unknown compound in the test tubes.  To obtain a pea-sized sample, it may be helpful to think of a little ball whose diameter is about ¼ of an inch.

3. Add 5 drops of nitric acid to each test tube.  Record your observations.

4. Discard the solutions in the test tubes.

5. Wash the test tubes and rinse them with distilled water from one of the plastic bottles in the laboratory.

Dissolving your Unknown Compound

1. Wash a 100-mL graduated cylinder and a 400-mL beaker and rinse them with distilled water.

2. Empty the remaining amount of the unknown solid from its container into the beaker.  Be sure that you have done the test for gas evolution, described above, before using the rest of the solid unknown to make this solution.  Add 200 mL of distilled water from the graduated cylinder.  Stir or swirl gently until all of the solid has dissolved.  One of the unknown samples will not dissolve very quickly.  You may begin the following tests as long as most of it is dissolved.

3. If an accident occurs and you need more solid, see your instructor to receive more of the same unknown solid.

Testing with Barium Nitrate

1. Use the solutions NaCl, NaI, NaHCO3, Na2CO3, Na2HPO4, Na2SO4 that are available in the laboratory and the solution of your unknown compound that you have just prepared for the remaining test in this experiment.

2. Mark your test tubes for recognition once again if necessary.

3. Add 20 drops of the solution NaCl to a clean, correctly marked test tube.  After adding 3 drops of a solution of ammonia (NH3), stir the solution with a clean stirring rod.  Remove the stirring rod and touch the adhering drop of solution to a strip of red litmus paper.  If the paper does not turn blue, add drops of ammonia to the solution until it does.  Do not record this result.  This is not a test for a characteristic chemical reaction.

4. Wash the stirring rod.  Repeat step 3 with each of your solutions including the solution of your unknown compound. 

5. Add 5 drops of the solution of Ba(NO3)2 to each test tube.  Shake each test tube gently to obtain homogeneity.  Never use your finger as a stopper.

6. Examine each test tube carefully.  Record your observations, especially noting the color of each precipitate.

7. The test in this step applies only to those test tubes that contain precipitates.  Add 10 drops of nitric acid to each of these test tubes.  Using a clean stirring rod, test each solution with blue litmus paper.  If the paper does not turn pink, add drops of nitric acid to the solution until it does.  Do not record this result.  It is not a test for a characteristic chemical reaction.

8. Examine each test tube carefully.  Which of the precipitates have dissolved?  Record your observations.

9. Discard the solutions in the test tubes.

10. Wash the test tubes and rinse them with distilled water.

Testing with Silver Nitrate

1. Use fresh solutions for these tests.

2. Add 20 drops of the solution of NaCl to a clean, correctly marked test tube.

3. Repeat step 2 with each of your solutions including the solution of your unknown compound.

4. Add 5 drops of the solution of AgNO3 to each test tube.  Shake each test tube gently and record your observations.  Do not use your finger (gloved or not) as a stopper.

5. The test in this step applies only to those test tubes that contain precipitates.  Add 10 drops of nitric acid to each of these test tubes.  Using a clean stirring rod, test each solution with blue litmus paper.  If the paper does not turn pink, add drops of nitric acid to the solution until it does.  Do not record this result.  It is not a test for a characteristic chemical reaction.

6. Examine each test tube carefully.  Which of the precipitates have dissolved?  Record your observations.

7. Wash the test tubes and rinse them with distilled water.

Testing with Thymol Blue

1. Use fresh solutions for these tests.

2. Add 20 drops of the solution of NaCl to a clean, correctly marked test tube.

3. Repeat step 2 with each of your solutions including the solution of your unknown compound.

4. Add 5 drops of the solution of thymol blue to each test tube.  Shake each test tube gently and record your observations.

Identifying the Unknown Compound

1. With two possible exceptions, the characteristic reactions of the unknown compound should be identical to those of one of the known samples.  If the unknown compound is either NaHCO3 or Na2CO3, however, its behavior when tested with AgNO3 may differ from that of the known compound.  Differences in the concentrations of their solutions can lead to reactions that result in slightly different colors.  Keeping this possible difference in mind, you will be able to identify your unknown compound by matching its reactions with those of the known samples.

2. If any ambiguities occur, repeat as many of the test as you find necessary..

Clean-Up

1. All leftover chemicals must be collected in the waste bottle in the waste hood.

DURING AND AFTER THE EXPERIMENT

1. Check off each step in the procedure that you have prepared as you do it and make note of any changes to the procedure.

2. Record all of your observations in as much detail as you can in the results table that you prepared.

3. Discussion.

a. What is your unknown substance?  Use your results to write a logical, inductive argument to explain how you determined its identity.  Were you able to narrow it down to one compound or 2-3 possible compounds?

b. If there were ambiguities or if you obtained results that did not match any of the known chemicals, explain possible reasons for these strange results.

4. Conclusion.  What can you conclude about the identity of the unknown?  What can you conclude about the importance of recording detailed observations?  What else can you conclude from this experiment?

Where Are The Halides?


Members of a chemical family have similar chemical properties.  However, do not be misled to believe that their properties are all the same.  In this lab, we will use differences in the chemical properties of the halogens to identify their ions.  You will first establish a set of criteria to identify each element.  To do this, you will react known solutions with various test substances.  You will then use these data to do an analysis of an unknown with one halide present.  If you pay careful attention to the preliminary tests and take good notes, you should have a little difficulty identifying your unknown.

Materials

96-well plate (1)

cassette boxes with labeled reagents (2)

culture tubes and corks (2)

Procedure

Caution: Put on your goggles and apron now!!

1. Place 2 drops of calcium nitrate in the first four wells of column 1 [(A-1), (B-1), (C-1), and (D-1)].  Add 5 drops of NaF to (A-1), 5 drops of NaCl to (B-1), 5 drops of NaBr to (C-1), and 5 drops of NaI to (D-1).  Record your results on the data table.

2. Place 1 drop of silver nitrate in each of the first four wells on column two.  Add 3 drops of NaF to (A-2), 3 drops of NaCl to (B-2), 3 drops of NaBr (C-2), and 3 drops to NaI to (D-2).  Record your results on the data table.

3. In column three, repeat step #2.

4. Add 3 drops of aqueous ammonia to the wells in column two [(A-2, (B-2, (C-2, and (D-2)].  Observe the results and record them on the data table.

5. Add 3 drops of sodium thiosulfate to the wells in column three [(A-3), (B-3), (C-3), and (D-3)].  Observe the results and record them on the data table.

6. Place 1 drop of starch in the first four wells of column four [(A-4), (B-4), (C-4), and (D-4)].  Add 3 drops of NaF to (A-4), 3 drops of NaCl to (B-4), 3 drops to NaBr to (C-4), and 3 drops of Nal to (D-4).  Record your results on the data table.

7. Add 1 drop of bleach to the wells of column four [(A-4), (B-4), (C-4), and (D-4)].  Record your observations on the data table.

8. Place 2 drops of household bleach in the first four wells of column five.  Add 5 drops of NaF to (A-5), 5 drops of NaCl to (B-5), 5 drops of NaBr to (C-5), and 5 drops of NaI to (D-5).  Stir.  Observe and record the results on the data table.

9. Take a clean pipet, squeeze it, and place it in the first wells which contains a halide and bleach (A-4).  Place this material in a 6 x 50 mm culture tube and add 10 drops of cyclohexane.  Stopper the test tube and shake the solution for one minute. 

10.  Repeat this procedure for the remaining wells in column four.

11.  Obtain an unknown from your instructor which contains one of the halide solutions that you used in this experiment.

12.  Using the data that you have collected, test the unknown with bleach, starch, silver nitrate, calcium nitrate, cyclohexane, and sodium thiosulfate.  Write the identity of the unknown on the data table next to its corresponding letter.

Questions

1. Why didn’t the cyclohexane mix with the solution containing the bleach and halide?

2. List all the reactions which you used to determine the identity of your unknown.

3. State the periodic law.  How do the halides fit within this definition?

4. List two consumer products that each of the halides appears in.  For example, sodium chloride can be found in table salt.

Data Table

Reagents

	Halide ions
	Ca(NO3)2
	AgNO3
	NH3
	Na2S2O3
	Starch
	Starch & Bleach
	Bleach
	Bleach & cyclohexane

	NaF
	
	
	
	
	
	
	
	

	NaCl
	
	
	
	
	
	
	
	

	NaBr
	
	
	
	
	
	
	
	

	NaI
	
	
	
	
	
	
	
	

	Letter

__

Is:
	
	
	
	
	
	
	
	


Tie Dye Lab Analysis—Procion Black H-G

1. Below you will find the shorthand structural formula for a molecule of the major compound used to make the dye Procion Black H-G.  Count the number of each type of atom, and then find the molar mass of the compound.  Next calculate the percent composition of the compound. 

OH
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Molar mass _______________
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2. How many carbon atoms would be contained in 15.9 milligrams of Procion Black H-G?

3. When burned, Procion Black H-G produces carbon dioxide gas, water vapor, nitrogen dioxide gas, sulfur trioxide gas, solid sodium oxide and dichlorine monoxide gas.  Write a balanced equation for this reaction.

4. How many grams of Procion Black H-G would be needed to prepare 445 mL of a 0.088 M solution of Procion Black H-G?  Remember that M=Molarity=moles solute/L solution.

Preparation of tie dye materials

The shirts must soak in chemical fixer, which is a solution of ¾ cup of Sodium carbonate per 1 gallon of water.  The fixer prepares the cellulose fibers of the cotton to accept the dye.  

1. Convert the given ratio of cups per gallon to grams per liter.  Use your Chem book for unit equalities you need to use.  Also, know that 1 cup = 8 oz.

2.   Prepare one gallon of fixer solution per table using tap water and the gallon jugs provided.

The dyes are dissolved in “chemical water” which consists of 1 quart of water and ¾ c. of urea.  

2.  Convert this to grams per liter (record your answer) and make 2 liters of chemical water using the large beakers provided.  Store this in the gallon jugs provided that are labeled “Chemical Water for tie-dye”.

4.    How many milliliters are in 2 cups?

5.  WEARING GLOVES AND BEING VERY CAREFUL, place 3 teaspoons of die onto the balance and weigh it.  Assuming that all colors have the same molar mass as the Procion Black, what molarity will the solution be when you place this mass of die into 2 cups of chemical water?

Get a beaker that will hold 2 cups of chemical water.  Pour the chemical water up to the metric reading that equals two cups.  USING GLOVES, add 4 teaspoons of dye to the chemical water and stir gently.  STILL WEARING GLOVES, label the contact solution bottles provided and use a funnel to pour the dye into the bottle (with top popped off).  Replace the top on the bottle and close it.

CALORIMETRY: THE HEAT OF NEUTRALIZATION

SAFETY

The acid (3M HCl) and the base (3M NaOH) used in this exercise will damage your eyes, mouth, and throat. If either gets on the skin, rinse it off with a generous amount of water.

BACKGROUND

An acid is a substance that produces hydrogen ion when dissolved in water.

A base is a substance that produces hydroxide ion when dissolved in water.

In a neutralization reaction, the hydrogen ion from an acid reacts when the hydroxide ion from a base to produce a water molecule; the heat energy is released during this reaction. The heat of neutralization is the quantity of heat energy released when one mole of hydrogen ion reacts with one mole of hydroxide ion to produce one mole of water. This quantity of energy is the same, regardless of the identity of the acid or of the base. A calorimeter is a device used to measure heat changes during a chemical reaction. The calorimeter is designed to minimize the exchange of heat energy between its interior and the external environment. A calorie is a unit of heat energy. One calorie is the quantity of heat energy needed to raise the temperature of one gram of water 1 degree Celsius. The specific heat of a substance is the quantity of heat energy needed to raise the temperature of one gram of the substance 1 degree Celsius. By definition, the specific heat of pure water is one calorie per gram per degree (1 cal/ g-degree Celsius).

OVERVIEW OF THE PROCEDURE

This exercise is best performed by students working in pairs; you will need to keep track of time and of temperature simultaneously. You will

a) record the temperature (to the nearest tenth of a degree) of a solution of acid (3M HCl) and of base (3M NaOH) 

b) mix 50.0 mL Of each of these solutions in a calorimeter; 

c) record the temperature of the mixed solution every thirty seconds for four minutes; 

d) prepare a graph of your points of temperature vs. time;

e) weigh your calorimeter at the start while it is empty and again at the end while it contains your mixed solution.

The acid and the base are in separate solutions at the start. They cannot react until the solutions are mixed. The mixing of two solutions takes some time; therefore, the heat of neutralization will be released over a short period of time, depending on how quickly and thoroughly the two starting solutions are mixed. Also, the thermometer must absorb some of the heat released by the reaction in order to show the new temperature. It takes a short time for the thermometer to come to temperature equilibrium, with the mixed solution. For these reasons, you cannot measure the true final (after mixing) temperature at the instant of mixing. While you are waiting for the thermometer to reach equilibrium, your calorimeter will be losing some heat; no calorimeter is perfect. You must correct for this loss of heat.

Fortunately, all of these problems can be dealt with quite easily. The time of mixing is “zero” time. You need to know what the temperature would have been at this “zero” time. You can find this temperature by recording the temperature at intervals (every 30 seconds) for some period of time (4 minutes). Then you plot the temperature verses time on a graph and draw a straight line through the points.  Finally, you extend this straight line back until it crosses the “zero” time line.  The temperature indicated on your graph by the point where the straight line crosses the “zero” time line is your best estimate of what the temperature of the mixed solution would have been at “zero” time if you had been able to measure it at that instant.  

PROCEDURE


Your calorimeter consists of 

a) two styrofoam cups, one nested inside the other;

b) a glass stirring rod with a ring at one end;

c) a mercury thermometer; and

d) a piece of cardboard (lid) with two hole – one for the stirring rod and the other for the thermometer. 

Set your calorimeter in a beaker for stability. 

1. Weigh your calorimeter while it is empty.  Weigh the thermometer, lid, and stirring ring along with the cups, but do not include the beaker (you might exceed the capacity of the balance).  Record this mass on line (1) of the report sheet. 

You will need two clean, dry, 100-mL beakers and two 100-mL graduated cylinders, one of each for the acid and the other for the base.  Pour about 60mL of the acid into one of the beakers and about 60 mL of the base into the other. 

NOTE:   Do not try to pour liquids directly from the large stock bottles into your graduated cylinders; much will spill if you try it. 

Pour about 5 mL of acid into one cylinder and about 5 mL of base into the other.  Roll the cylinders in a nearly horizontal position to coat the inside walls with the respective solutions, then pour these solutions down the drain.

NOTE:   From this point on, use the one beaker and cylinder only for acid and the other only for base. 

2.  Pour 50.0 mL of acid into the acid cylinder and 50.0 mL of base into the base cylinder.  Record these volumes on lines (2) and (3).  

3.  Pour the 50.0 mL of acid into your calorimeter.

4.  Record the temperature of your base solution (still in its graduated cylinder) on line (A) of the report sheet.  Rise the thermometer and dry it.  Then record the temperature of the acid solution (in your calorimeter).  Enter this temperature on line (B).  Calculate the average of line (A) and line (B) and enter it on line (C). 

5.  At “zero time,” pour the 50.0 mL of base solution into the acid in the calorimeter as rapidly and as completely as possible, without causing it to splash out of the calorimeter.  Start counting time from this moment.  Use your stirring rig to mix the two solutions as rapidly as possible.  Record the temperature every thirty seconds after mixing for a total of four minutes (eight temperature measurements).

6.  When you have made your eighth temperature measurement, weigh the calorimeter plus mixed solution (without the beaker), and record this mass on line (4).  Be careful not to tip the top-heavy apparatus. 

At this point, the experimental part of the first determination is over.  Pour the contents of your calorimeter (what is in it now?) down the drain; dry the interior of your calorimeter with a paper towel; then repeat the procedure from the start.  

NOTE:   Do not rinse your 100-mL beakers nor your graduated cylinders between the two determinations.  

DATA HANDLING AND CALCULATIONS 

7.  Plot your temperatures after mixing (from lines (D) against time on a piece of graph paper.  Draw the best straight line through the points (do not “connect the points”).  Extend the straight line back across the “zero time” line.  Record the temperature that corresponds with “zero time” on line (7). 

NOTE:  You should expect some experimental error.  If your points do not fall on a perfectly straight line (they probably will not do so), draw the “best straight line” through them so that as many points lie above your drawn line as the line below it. 

8.  Calculate the mass of your mixed solution [(4) – (1)] and record it on line 5.

9.  Record the average starting temperature of your solutions (from line (C) on line 6. 

10.  Calculate the temperature increased [(7) – (6)] and record it on line 8.

11.  Assume the specific heat of the mixed solution is 1.00 cal/g – degrees Celsius.  This is given on line 9. 

12.  Calculate the quantity of heat energy released during this neutralization reaction and record it on line (10).  Heat released = (5) x (9) x (8).

13.  Calculate the number of moles of water produced and record it on line 11.  

14.  Calculate the heat of neutralization and record it on line (12).  Heat of neutralization = (10) / (11).  Units are calories/mole.  

15.  Calculate the average of your two values for heat of neutralization and record the average on line (13). 

16.  Calculate your percent error and record it on line (14).  The expected value is 13.6 kcal/mol (13,600 cal/mol).

NOTE:  Record lines (12), (13), and (14) to three significant digits.  

WHAT HAPPENS TO AN EQUILIBRIUM SYSTEM WHEN IT IS DISTURBED?

II. INTRODUCTION:Le Chatelier's Principle describes the effect that applying various types of stress will have on the position of equilibrium.. that is, whether it will shift to increase or decrease in concentration(s) of products in the equilibrium system.  As you know, stresses include things like variations in concentration of reactants or products, temperature of the system, and (for reactions involving gases) the pressure.


For any system at equilibrium in solution: if anything is added to the system, it will try to consume whatever is added.  If anything is removed from the system, it will try to replace whatever was removed.  Note that the word "anything" refers to energy as well as any of the reactants or products shown in the reaction equation.


The equilibrium system you are studying is:

Co(H2O)62+(aq)  +  4Cl-(aq) 
(
  CoCl42-(aq)  +  6H2O (l)
   Pink



 
    Blue

III. SAFETY

AgNO3 stains skin and clothing;  HCl is corrosive.  Acetone is flammable; do not use near heat or flames.  Perform sections using acetone in the fume hood.
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IV. MATERIALS:


3 test tubes - 13 x 100mm


10 mL graduated cylinder


1 mL 0.1 M AgNO3

2 mL acetone


2 mL 0.2M CoCl2

V.  PROCEDURE:


1. Label 3 three test tubes.


2. Place 12 drops of 0.2M CoCl2 solution in test tubes 1 and 2.  Place test tube #2 in rack for later use.


a. To test tube 1 carefully add 24 drops 


of 12M HCl.  Stir the contents with a stirring rod.


  Record results.


b. Pour half of the blue solution into test tube 3 and place in test tube rack for use in step 4.


3. Add 24 drops of H2O to test tube 1.  Stir and record the results.


4. Add 24 drops of 0.1 M AgNO3 to test tube 3.  Stir and record the results.


5. Slowly add, without mixing, 3-4 mL acetone on top of the pink CoCl2 solution in test tube 2.  record your observations.

Electroplating Zinc on Copper

Upon completion of this lab you should be able to:

· Describe the process of electroplating

· Identify the anode and cathode and what is occurring at each in terms of oxidation and reduction.

· Identify the products of electroplating.

· Write balanced half-reactions representing what is happening at each of the electrodes.

· Predict changes in mass and concentration over time, and propose explanations for these changes.

· Diagram the electroplating system, identifying the components, the cathode and the anode, the positive and negative poles, flow of electrons and the flow of ions.

Equipment:



electric drill with 3/32" bit


4 cm square piece of coppesheet


masking tape




4 inch piece of heavy copper wire(bare)


single-edge razor blade


             steel wool


isopropyl alcohol



cotton swabs


wood block




zinc strip


250 mL beaker


                          C" battery and battery holder/leads


2.0 M nitric acid



             clear acrylic spray paint


solution consisting of 12g of ammonium citrate, 7.5g of ammonium chloride, and 30g 



zinc sulfate heptahydrate in 300 mL water

Procedure:

1. Put on your goggles and aprons

2. Obtain a 4 cm square piece of copper sheet.

3. Polish both sides by rubbing with steel wool.  If the copper is heavily oxidized, dip the copper in a beaker of nitric acid for a few minutes.  Do this under the fume hood since toxic gases may form.

4. Rinse the copper with water and dry it.  Then polish it with steel wool.  Once it is polished, rinse and dry it with a little water.

5. Drill a small hole where you wish the hook to be placed.

6. Cover both sides of the copper square, completely, with masking tape.  Be sure the tape overlaps all the edges.

7. Trim off excess tape.

8. Decide upon a design; draw it on the masking tape, and carefully cut it out using the single-edged razor blade.

9. Carefully remove the tape from this area.

10. Clean the exposed copper surface with a cotton swab dipped in isopropyl alcohol.  Do not touch this area once cleaned.

11. Insert a 10 cm piece of heavy gauged copper wire through the hole in the copper; bend it into a hook, making sure the wire and copper square make contact.  

12. Put enough zinc plating solution into a 250 mL beaker so that the design on the ornament will be covered when submerged.

13. 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.

14. Connect one wire lead from the zinc to the positive terminal of the 1.5 V "C" battery.

15. Connect the other wire lead from the battery's negative terminal to the copper wire attached to the ornament.

16. Insert the ornament into the zinc plating solution on the opposite side from the zinc strip, so the that cut-out design is facing the zinc strip.

17. Periodically remove the ornament to examine the progress of the zinc plating.

18. 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.

19. Carefully remove the tape from the ornament.  Pat the ornament dry.  At this time you can touch up the polished copper using a piece of steel wool.  Avoid the area that is zinc plated.  

20. Hang the ornament from a ring on a ring stand under the fume hood.  Place a layer of paper towels on the area underneath.  

21. Spray both sides of the ornament with clear acrylic paint.  Avoid inhalation of the fumes.  Let the ornament dry.

22. Clean up.

Analysis:
1. Is the copper ornament functioning as the cathode or the anode in this experiment?  The zinc strip?

2. In terms of oxidation/reduction, what is occurring at the copper ornament?  The zinc strip?

3. Write balanced half-reactions representing what is occurring at the copper ornament and the zinc strip.

4. If after the battery was connected for a period of time, the battery was then disconnected and the copper ornament was removed and weighed, how would the mass now compare to before the battery was connected?  Why?

5. In reference to #4, how would the mass of the zinc strip have changed?  Why?

6. How does the concentration of the zinc ion, Zn2+, in the solution at the end of the electrolysis compare to its original concentration?  Why?

7. Make a diagram of the electrolysis apparatus labeling all its components.  Indicate the cathode, the anode, the positive and negative poles, the flow of electrons through the wires, and the flow of ions through the solution.

8. What would happen if the wires were switched?  Explain.

9. What are some other examples of items that have been electroplated?

	Procedure
	Observations

	HCl added

	

	H2O added


	

	AgNO3 added

	

	Acetone added


	


VI. QUESTIONS

1. Hydrochloric acid is used as a source of chloride ions.  Explain your observations of Step 2 using Le Chatelier's principle and the equilibrium equation given in the introduction.

2. Why did the addition of water have the observed effect in step 3?  Use Le Chatelier's principle and the equation to explain.

3. In step 4, the AgNO3 solution was used as a source of Ag+1 ions which react with Cl-1 to form the white AgCl precipitate.  


Ag+1  +  Cl-1  ( AgCl(s)  is an equilibrium reaction also.  


The equilibrium constant is 6 X 10 9.  At equilibrium would you expect to have mostly silver and chloride ions in solution or mostly 
solid silver chloride?  Explain.

     Use this information and Le Chatelier's principle to explain your observations         of the color change.

4. Acetone has an attraction for water, forming hydrogen bonds.  Use this information to explain the color change observed in step. 

5.  Why did the color change occur at the TOP of the test tube?

The Making of Aspirin

Background Information:


Hippocrates, the ancient Greek physician, knew of the curative powers of willow tree bark.  Native Americans brewed willow bark tea for medicinal purposes long before Columbus’ time.   The component in the bark that is responsible for the bark’s medical benefits, salicin, was identified in 1827, but its useful derivative, salicylic acid, was not synthesized until 1853.  After the date, salicylic acid was used as an analgesic (pain reliever) and antipyretic (fever reducer), even though some users suffered troublesome side effects.  In 1893, Felix Hoffman, Jr., a chemist working for Friedrich Baeyer and Company, synthesized the acetyl derivative of salicylic acid, called acetylsalicylic acid, or aspirin.  Users found this compound to be less irritating to the stomach and more palatable than salicylic acid or salts.  In 1899, Baeyer began marketing envelopes and capsules filled with powdered aspirin.  Aspirin tablets were introduced in 1915.  Today aspirin is one of the most popular over-the-counter drugs.  


Aspirin remains structurally unchanged in the human stomach, which is an acidic environment.  In the intestinal tract, an alkaline environment, aspirin’s acid function is neutralized, causing formation of the sodium salt, sodium acetylsalicylate.  This product is absorbed into the bloodstream through the intestinal walls.  It is then transported throughout the body.  The biochemical action of aspirin is complex and not yet completely understood. 


A primary side effect of aspirin is the tendency to irritate the stomach lining, causing the loss of about 0.5 mL of blood for each 500-mg tablet ingested.  For this reason, aspirin is often buffered and combined with other ingredients to reduce stomach irritation.  Other side effects include runny nose and Reye’s syndrome in children.


Carboxylic acids and acid anhydrates react with alcohols to form esters in esterification reactions.  Aspirin is the product of esterification of actetic anhydride with the phenolic hydroxyl group of salicylic acid.  Because this reaction is acid catalyzed, we add small amounts of mineral acid, such as sulfuric, to the reaction mixture.  Note that this reaction is reversible. 


In the presence of water, esters can undergo a hydrolysis reaction that, in the case of acetylsalicylic acid, generates the carboxylic acid, acetic acid, and alcohol.  In the procedure used in this experiment, the decomposition of acetylsalicylic acid by heating, with water present as vapor, leads to the formation of acetic acid, which vaporizes, causing a vinegar-like odor.  


Iron(III) chloride solution (FeCl3) reacts with phenols to produce colored complexes, ranging from blue to green to red-brown, depending on the substitution pattern of the phenol.  Aliphatic alcohols, acids, and other functional groups do not respond to the additional iron(II) chloride solution.  Salicylic acid has both a phenolic alcohol and a carboxylic group.  Thus, we could expect either a positive reaction with the phenolic alcohol or a negative reaction depending on the way the molecule reacts with the phenolic alcohol-carboxyl group combination when the FeCl3 solution is added to salicylic acid. 


In this experiment, you will take a measured mass of salicylic acid and add a measured volume of acetic anhydride.  You will determine the yield of crystallized aspirin.  Then you will test a portion of you synthesized aspirin with FeCl3 solution in order to establish whether salicylic acid behaves as a phenolic alcohol or as a carboxylic acid in the reaction.  You will also determine the outcome of the reaction of acetylsalicylic acid with moist air in the presence of heat.  Finally, you will process the reaction mixture for disposal.

PROCEDURE:

1.  Prepare a boiling-water bath by half filling a 600 mL beaker with tap water.  Attach a large ring support to a ring stand.  Place the beaker through the rind.  Adjust the ring so that the beaker is stabilized while sitting on a hot plate.  Heat the beaker and the water to the boiling point for use in Step 4.    

2. Tare a clean piece of weighing paper.  Weigh about a 2.1 g of salicylic acid.  Record on your Data sheet the mass of the salicylic acid to the nearest milligram.  Transfer the solid into a 125 mL Erlenmeyer flask.  

3.  In a fume hood, use a Pasteur pipet to carefully add 4 mL of acetic anhydride eto the Erlenmeyer flask containing the salicylic acid.   Using another Pasteur pipet, carefully add 5 drops of concentrated H2SO4 solution to the flask.  Place the pipets in 150 mL beaker, with the tips down.  Gently swirl the flask and its contents to thoroughly mix.  Some of the solid will remain undissolved.

4.  Place the flask in the boiling water bath.  Clamp the flask onto the stand.  Heat the flask and its contents in the bath for 15-20 minutes.

5.  While the flask is heating, prepare an ice-water bath by filing a 600-mL beaker with tap water and a few pieces of ice.  Transfer 60 mL of distilled water to a 150 mL beaker, and cool the beaker and its contents in the ice-water bath. 

6.  Using the clamp as a handle, carefully remove the hot flask from the boiling water bath.  In 1-2 mL portions, slowly add a total of 10 mL chilled water from a graduated cylinder to the flask in order to decompose the unreacted acetic anhydride.  Carefully swirl the flask between additions of chilled water. 

7.  Chill the flask in the ice-water bath for 10-15 minutes to crystallize the reaction product. 

8.  While your cooling your flask, assemble your filtering apparatus.  To do so, clamp a 500-mL  filter flask to your other ring stand, and place a Buchner funnel in the flask.  

9.  Add 25 mL of chilled, distilled water to the reaction flask.  Carefully break up any crystal lumps with a clean glass stirring rod.  

10.  Weigh a piece of filter paper  and record this mass to the nearest 0.001 g on your data sheet.  Place the filter paper in your Buchner funnel, inserted in the filter flask.  Moisten the paper with 1-2 mL of chilled, distilled water.  Attach a piece of pressure tubing to the side of the filter trap attached to a water aspirator.  Turn on the aspirator to draw the water in the funnel into the flask and to snugly seal the filter paper to the funnel.  Leave the aspirator on. 

11.  Slowly pour the reaction mixture from the Erlenmeyer flask into the Buchner funnel, as follows.  First, decant as much supernatant liquid as possible into the funnel.  Use the stirring rod to guide the liquid from the flask onto the filter paper, in order to prevent splashing and product loss.  Use a rubber policeman attached to a second glass stirring rod to help transfer the solid from the flask into the funnel. Rinse the last crystals out of the flask into the funnel with a few millimeters of chilled, distilled water.  Disconnect and turn of the aspirator.

12.  Add 15 mL of chilled, distilled water to the funnel.  Reconnect the aspirator, and turn it on.  Dry the slide by drawing air through the filter for 15 minutes.  When the crystals look dry, disconnect and turn off the aspirator.

13.  Weigh a clean, dry watch glass.  Record this mass on your data sheet.  Carefully remove the filter paper and crystals from the funnel and place them on the weighed watch glass.  Weigh the watch glass, filter paper, and crystals.  Record the mass on your data sheet.  Retain the aspirin for the following tests. 

14.  Clean the pipets used in Step 3 by carefully adding distilled water to the beaker holding them.  Draw some of this water into the pipets, and discharge the water back into the same beaker.  Pour the mixture in the filter flask from Step 8-12 into the labeled 600-mL beaker.  Save the “Discarded Reaction Mixtures and Rinses” beaker and its contents for use in Part III. 

Testing Your Synthesized Aspirin 

15.  Add 1 mL of 95% ethanol (C2H5OH) and 1 drop of 1% iron(III) chloride solution to each of the three 12x75-mm test tubes.  Add a few crystals of salicylic acid to the first test tube.  Add a few crystals of your reaction product from Part I to the second test tube.  Use the third test tube as a control.  Using a clean stirring rod, stir the mixtures in each test tube.  Observe and compare the contents of the three test tubes.  Record all observations on your Data Sheet.

Pour the contents of the test tubes into the container provided by your laboratory instructor and labeled “Discarded Test Solutions.” 

16.  Place a few crystals of your reaction product from Part I in another 12x75-mm test tube.  Attach a test tube clamp to the test tube.  Using the clamp as a handle, gently heat the test tube and its contents over the low flame of a Bunsen burner until the crystals liquefy.  Remove the test tube from the flame and carefully note the odor of the vapor emanating from the test tube.  Record your observations on your data sheet.


Treating the discarded reaction mixtures and rinses for disposal.

17.  Add 3 drops of phenolphthalein solution to the solution in the “Discarded Reaction Mixtures and Rinses” beaker.  Record on your Data Sheet the color of the solution after you add the indicator solution.


If the solution us colorless, proceed to Step 18.


If the solution is pink, proceed to Step 19.

18.  To the colorless solution, add 1 M NaOH solution dropwise until pink coloration persists throughout the solution.  Pour the neutralized mixture into the drain, followed by a large amount of running water.  Proceed to Step20.

19.  To the pink solution, add 1 M HCl solution dropwise until the solution just turns colorless.  Pour the neutralized mixture into the drain, followed by a large amount of running water.

20.  Wash, drain, and dry all glassware used in this experiment.  

Calculations

1.  Calculate the number of moles of salicylic acid. 

2.  Calculate the mass of acetic anhydride used.

3.  Calculate the number of moles of acetic anhydride used 

4.  Identify the limiting reagent in this synthesis. 

5.  Calculate the mass of dry aspirin synthesized.

6.  Calculate the theoretic yield of aspirin. 

7.  Calculate the percent yield of aspirin. 

Post Laboratory Questions 

1.  a. A student who was in a hurry to complete this experiment did not completely dry the crystalline product before doing the final weighing. How would this error affect the calculated percent yield of the experiment?

     b. The student in (1a) did not bother to cool the water used to wash the crystals. How would this error affect the calculated percent yield of the experiment?

    c. The same student mixed the crystalline product with the ethanolic 1& FeCl3 solution and obtained a colored solution. Briefly explain what might have  caused this result?

2. A desiccant, or drying agent, is often added to aspirin in order to prolong the aspirin’s shelf life by delaying hydrolysis. How can you easily determine whether or not any aspirin you have at home has begun to hydrolyze?

3. a. How many grams of aspirin were lost in the washing process you used to purify your product, assuming you used 50 mL of water for washing? The solubility of aspirin in water is .33g per 100 mL at room temperature. 

    b. Recalculate your percent yield, taking into account the water solubility of aspirin when you calculate the theoretical yield.  

What Is the Heat of Reaction for Magnesium and Hydrochloric Acid?


The flow of energy in a chemical reaction can be traced by allowing a measured amount of chemical to react with another while the temperature of the reaction is monitored. As the reaction progresses, the rise or fall of temperature of the reacting mixture and the immediate environment (a calorimeter) gives a qualitative measure of the amount of heat energy flowing from or into the system. The flow of heat into a chemical reaction is called an endothermic reaction. It has the macroscopic property of feeling cool to the touch. Flow of heat out of a reaction, an exothermic reaction, feels warm to the touch. In either case, a change in kinetic energy of the surroundings is noted by a change in temperature.


Exothermic reactions, symbolized by a negative ∆H, result in a loss of energy by the reactants and a gain in heat to the environment. The products are at a lower potential energy level than the reactants. Endothermic reactions, symbolized by a positive ∆H, result in a product which has higher potential energy.


In this experiment, precautions should be taken to retain the heat energy in such a way that the immediate environment retains the energy so that an accurate accounting can be made. A calorimeter is used to isolate the reaction from the surroundings.


In the reaction below, the reaction of magnesium metal is traced. Magnesium metal reacts with the hydrogen ion in hydrochloric acid according to the following reaction:


Mg (s) + 2 H+ (aq) ( Mg+2 (aq) + H2 (g) + heat


The heat released is a direct measure of the heat of formation, Hf, of the magnesium ion, Mg +2. This is because the heats of formation of all the other species are zero. Why? The heat released by this reaction can be calculated by following the directions outlined in the procedure. You may check your work by looking up the thermochemical data for each of the reactions and products in a “Standard Table of Heats of Formation of Compounds” in your text or in the Handbook of Chemistry and Physics. Be sure to look up the compound or element in the correct state before using the heat content values listed. Once one metal/ion pair has been determined experimentally, the information gathered can be used to extend the thermodynamic table to include many ions.

Materials

Magnesium metal ribbon, 1 to 2 cm (2)

10 mL 1 M HCl for each trial

Thermometer

Plastic calorimeter (two plastic sauce cups, a lid, and a rubber band) (1)

Ruler graduated in mm

Paper punch

Procedure

Caution: Put on your goggles and apron now!!


WARNING: Hydrochloric acid is caustic and corrosive. Avoid contact and immediately rinse all spills with copious amounts of water.

1. Assemble your calorimeter. Use two plastic sauce containers, a lid, and a rubber band. Wrap the rubber band around one of the cups near the top. Place the cup with the rubber band inside the other cup. This should form a tight seal. 

2. Use the paper punch to put a hole for the thermometer in the lid of the sauce cup.

3. Mass the entire calorimeter to the nearest hundredth of a gram. 

4. Add approximately 10 mL of 1 M HCl to the calorimeter. Record the mass and temperature of the hydrochloric acid.

5. Measure the length of magnesium ribbon and record on the data table.

6. Determine the mass of the magnesium ribbon by using the data provided by your instructor.

7. Add the magnesium ribbon to the calorimeter through the hold in the lid.

8. Place the thermometer in the calorimeter and record the temperature change every 20 seconds until there is no further rise in temperature.

Questions
1. The reactions of chemicals in calorimeters is the accepted manner for the determination of the Heat of Formation of many compounds. How would this process change for the determination of the heat content of food? Compare and contrast these two uses of calorimetry.

2. The negative chloride ion is not considered to be a part of this reaction. What factors allow us to ignore the chloride ion? 

Finding the Concentration


You have come across a solution of HCl with an unknown molarity.  Fortunately, you know that HCl reacts with calcium carbonate.   Using this information, determine the molarity of your acid solution.

CHEMICALS AVAILABLE:  You may use no other chemical!!!!!


Calcium carbonate
solution of HCl dissolved in water

EQUIPMENT: You may use anything is the lab.


WHAT TO INCLUDE IN YOUR CONCLUSION:


Show all calculations leading up to your mole determination, and be clear in your presentation.  (Example:  the number of moles of HCl is:  ........ )  Don't just write random math equations, tell me what you are doing and why.  It need not be long and detailed, just clear.  Also, include the balanced equation for this reaction.

GRADING:


You will be graded on the following: procedure, neatness, organization, calculations and correct molarity of HCl.  Your procedure needs to be seen by instructor before you start.

Number of unknown:  ______

Purpose—  You will find the molarity of the unknown HCl sample.  You will do this by making your own procedure.

Procedure:  ________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________

Instructor signature_______________________________________________

Data:

	
	
	
	

	
	
	
	

	
	
	
	

	
	
	
	


Results and calculations:

Conclusions:

SAPONIFICATION
PREPARATION OF SOAP

INTRODUCTION:
The preparation of soap from fat and lye has been, historically, a household task. Only in the last century has the making of soap become a commercial undertaking. Our ancestors made soap by boiling animal fats with the lye obtained from leaching wood ashes. In this experiment, we will make soap by the same process, called saponification, but will use modern ingredients.

In the process of making soap, animal fat, which is a triglyceride, is hydrolyzed by the action of a strong base, such as sodium hydroxide, and heat. The resulting products are soap and glycerol:

CAUTION: Safety goggles must be warn throughout this experiment. This lab is intended to be done in a school lab, with adult supervision. Sodium hydroxide is very caustic, and can cause severe burns to the skin, especially when hot.
This is an investigative lab of the SAPONIFICATION process. If you wish to make soap in volume, search the web for a web page dealing with the making of soap as a craft.
MATERIALS NEEDED:
*80 ml of 6 Molar NaOH solution
15 grams of lard
75 ml of distilled water 
**300 ml hot sodium chloride solution 
100-ml graduated cylinder 
Wire screen
Ring stand 
Ring 
Wire gauze 
Burner 
Tongs 
Stirring rod 
400-ml beaker 
250-ml beaker

* To make 6 molar sodium hydroxide, dissolve 19.2 grams of NaOH in enough water to make a total volume of 80 ml.
** This is just a saturated solution of NaCl.

PROCEDURE:
1. Obtain 80 ml of 6 molar NaOH and 15 grams of lard, and place 40 ml of the NaOH solution and the lard in a 400-ml beaker.

2. Heat to boiling, on a standard ring stand set-up, then continue boiling the mixture over the lowest flame that will sustain the boiling process. Stir the mixture constantly to avoid spattering. If Spattering occurs, remove the flame and continue stirring the mixture. Replace the flame and continue heating after the spattering stops.

3. Continue boiling and stirring for about 20 minutes, or until it appears that most of the water has been evaporated. Then carefully add the remaining 40 ml of NaOH solution and continue boiling for an additional 20 minutes, or until most of the water has boiled off. DO NOT LET IT BOIL DRY.
4. As the crude soap cools, a waxy solid should form. Add to it about 25 ml of distilled water and about 100 ml of hot, saturated sodium chloride solution. Stir the mixture, breaking up lumps with your stirring rod. Decant the wash solution by pouring it through a wire screen, which will trap small soap particles.

5. Repeat the wash process twice. After the final washing, press the soap between two sheets of paper towlling to expel as much water as possible.

YOU HAVE MADE LYE SOAP.
[image: image3]
Conversion of Aluminum Scrap to Alum

Objective: To take a piece of scrap aluminum and convert it into alum; and to show that aluminum is a valuable resource that can be recycled and used to make another useful product. 

Discussion: Aluminum, the most abundant metal and third most abundant element in the earth’s crust, is used to make numerous products because it resists corrosion. Some examples are drink cans and lawn chairs. Aluminum is also a popular product to convert into alloys. About half of the aluminum produced domestically is converted into alloys such as magnesium. Duralumin is mainly used in the manufacturing of lightweight structural components needed for building objects such as aircrafts. Some alloys are also coated wit a thin layer of aluminum which spontaneously oxidizes, forming an oxide coating that protects less resistant components from atmospheric oxygen and water. 


When metallic aluminum, Al, and aluminum oxide, Al2O3H2O, react readily with a concentrated basic solution, aluminates form according to the following reaction:


2Al (s) + 2KOH (aq) + 6H2O  2KAI(OH)4 (aq) + 3H2 (g)   (1)


Al2O3H2O (s) + 2KOH (aq) + HsO (l)  2Kal(OH)4 (aq)        (2)

The aluminates will dissolve but the alloy elements or impurities are insoluble.


Metallic aluminum or other useful aluminum compounds can be produced through an electrolyte process refining aluminates. For example, sulfates, the cheapest soluble salts of aluminum, are greatly used to purify water, manufacture fabric dyes, size paper, and waterproof fabrics. 


“Alums,” simply referred to as alum, is a double salt. An example would be KAI(SO4)2 1H2O, which contains two cations.

Procedure: Take 2 grams of aluminum scrap, cut it into small pieces, and place it into a 250-mL beaker. Find the mass of the aluminum scrap to the nearest hundredth of a gram. Add 60 mL of 1.5M KOH to react with the scrap. Heat the mixture GENTLY on a hot plate (hydrogen gas is produced in this reaction, so no glames should be used or be near this mixture) until all of the scrap dissolved. This should take about 20 minutes. When heated, this mixture will froth and bubble considerably. DO NOT let the mixture spill over the side of the beaker.


After the scrap has disappeared, filter the solution slowly into a 150-mL beaker using a funnel with a SMALL plug of glass wool. Leave the solution to cool. Aluminum ions are formed from the reaction of aluminate ions, Al(OH)4-, and the hydrogen ions from sulfuric acid. Your mixture should be white, lumpy, and gel-like.


Al(OH)4- (aq) + H+ (aq)  Al(OH)3 (s) + H2O (l)  (3)


To convert the aluminate ions to aluminum ions, slowly add 20 mL of 9M H2SO4 to your beaker while stirring the mixture. The lumpy precipitate (Al(OH)3) should disappear completely. If it does not, heat the mixture gently while stirring until all of the precipitate is done. The following equation shows how the precipitate is dissolved. 

Al(OH)3 + 3H+ (aq)  Al3+ (aq) + 3 H2O (l)  (4)


Let the solution cool for a few minutes.  Then, place it in a ice bath and let it sit for approximately 20 minutes.  By this time, you should be able to see crystals of alum forming.  If there are none, gently scratch the inside of the beaker until crystals form.  The following equation shows how alum, a double salt, forms. 

K (aq) + Al (aq) + 2SO4 (aq) + 12 H2O (l)      KAl(SO4)2  12H2O (s)   (5) 


Make the suction filter apparatus seen in Figure 44.1.  Weigh your filter paper before and record the mass (2).  Then place the filter paper into the Buchner funnel.  Turn on the suction and place your alum crystals on the filter paper, and then place the filter paper into the funnel.


After the water has drained from the crystals, wash out any water left over by pouring 15 mL of ethanol over the crystals.  Let them dry again, and repeat once more.  Let the crystals sit in the suction for five additional minutes to dry.  Then, place the crystals and filter paper in a clean, dry beaker and store in a safe, dry place to complete the drying process.  Let it sit like this until the next lab period. 


Weigh the alum filter paper combination and record the mass (3).  Then subtract the mass of the pre-weighed filter paper (2) from that mass to find the mass of your alum crystals (4).  Using Equation 5, calculate the percentage conversion of aluminum to alum (6).  Record these answers on the next page. 

(1)  Mass of scrap aluminum                                                          ________ g

(3)  Mass of alum and filter paper                                                  ________ g 

(2)  Mass of filter paper                                                                  ________ g 

(4)  Mass of alum  (3)-(2)                                                               ________ g 

Percent yield of alum (show calculations) 

Moles of aluminum scrap used                                                      _____ mol

Moles of alum produced                                                                _____ mol

Moles of alum predicted                                                                _____ mol 

Percent Yield =   moles of alum produced     X      100

                            moles of alum predicted 

                       =  ______ x 100 = _______ % 

Answer the following questions:

1.  Explain what alum is.

2.  Aluminum is taken from Al2O3 using an electroplating unit, drawing 1.0 ampere of current power requirement of 2.9 kilowatt hours per day.  If 8 grams of aluminum are produced each day by the unit, how much does it cost to produce aluminum for a 10.0 g can at 5 cents per kilowatt hour?

3.  Alum, KAl (SO4)2 12H2O has an approximate solubility of 114 g per liter in a water solution at 0 degrees Celsius.  Calculate the mass of alum remaining after the crystallization is complete for this experiment, basing it on a solution volume of 40 mL.   

Analysis of Alum,  KAl(SO4)2  · 12H2O  


After a compound has been synthesized, tests should be carried out to verify that the compound is indeed the compound desired.  There are a number of various tests that can be performed to verify that the compound is the one desired.  In the previous experiment, alum crystals, KAl(SO4)2  · 12H2O were prepared.  In this experiment we will do several tests to determine if the crystals are really alum.  Alternatively, you may be given an unknown compound to analyze. 


The first and simplest test is to find the melting point of the compound and compare it to the published value for alum.  A small quantity of alum is powdered and placed in a capillary tube which is attached be a rubber bad to a thermometer bulb.  The crystals are heated in a water bath, and the temperature at which they melt is recorded and compared to reported values. 


The second test that we can do is to determine the amount of water of hydration present in the alum crystals.   Some of the alum is placed in a crucible and weighed.  The crucible is heated until all of the water of hydration is given off.  The crucible is then cooled and its mass measured.  From the mass of the dry crystals and the mass of the water lost, the ratio of moles water to moles KAl(SO4)2  12H2O can be calculated and then compared to the correct formula values. 


The third test is a chemical test to determine the percent of sulfate in the compound prepared.  A weighed quantity of alum is dissolved in distilled water.  An excess of barium ions is added to the solution to precipitate all of the sulfate in the compound barium sulfate.  The precipitated barium sulfate is filtered off, dried, and its mass determined.  From the mass of the barium sulfate and the initial mass of alum, the percent sulfate can be calculated and compared with the theoretical percent found from the formula. 

Chemicals 

Parts 1,2, and 3

     Alum crystals, KAl(SO4)2 12H2O (or an unknown compound) 

Part 3:

     Barium nitrate, Ba(NO3)2, 0.2 M

Equipment 

Part 1:  capillary tube, beaker (or Thiele melting point tube), ring stand, ring, wire guaze, cork (or split stopper) to hold thermometer, mortar and pestle (or test tube and watch glass), thermometer, rubber band, universal clamp, stirring rod, Bunsen burner 

Part 2: Crucible, Triangle, Ring stand, ring, Bunsen burner, Triangle support 

Part 3:  Beaker, 250-mL, graduated cylinder, 25 mL, stirring rod, ring stand, ring, and Bunsen burner, rubber policeman, wash bottle and distilled water, watch glass, aspirator, Gooch crucible with fiber glass filter pad, filter flask and adapter 

Procedure 

SAFETY ALERT!  Be cautious using flames.  Barium nitrate is very poisonous.  Wash your hands when finished with the experiment.  Wear chemical and splash goggles.  

Part 1: Find the melting point of alum 

     Pulverize a small amount (about 0.5 g) of dry alum.  Use a mortar and pestle, or use a watch glass and the bottom of a test tube.  Pack the alum in a capillary tube to a depth of about 1 cm.  To get the alum into the capillary tube, push the open end of the capillary down into a small pile of alum powder.  Then turn the tube so the open end is up, and bounce the bottom of the tube on the desk top.  You may also pack the alum by holding a long piece of 6mm diameter glass tubing (1m in length) upright on the floor, and dropping the capillary tube down the glass tubing.  The capillary tube will bounce up and down a few times which will pack the powder. 

     Cut a 1 mm length of rubber tubing to use as a rubber band, and with it fasten the capillary tube to a thermometer.  The alum should be level with the bulb of the thermometer.  Use a universal clamp and cork stopper (or split rubber stopper) to fasten the thermometer to a ring stand.  Immerse the bottom of the capillary and thermometer in a beaker of water (or a Thiele melting point tube filled with water) and heat.  If using a beaker, you must stir the water to maintain an even distribution of temperature.  You may heat rapidly in the beginning but as you get close to the melting point, heat very slowly in order to get an accurate value.  Record the temperature at which the alum melts (the white powder will become clear).  If you wish to repeat the melting procedure, use both a new sample and a new capillary tube.


Find the published value for the melting point of alum, and compare the experimental and published values.

Part 2: Determine the Amount of Water of Hydration in Alum Crystals.


Heat a crucible with a cover over a burner flame until it is red hot.  Allow them to cool, and find their mass using a sensitive balance.  Handle with tongs or forceps to avoid getting fingerprints on them.  Now add about 2 g of alum crystals to the crucible.  Accurately determine the mass of the crucible, cover, and crystals.


Set the crucible at an angle in a triangle held in a ring on a ring stand, cover loosely with the crucible cover, and heat very gently.  The alum crystals will melt, and the water of hydration will vaporize.  It is important that the escaping vapor does not carry any of the anhydrous alum along with it, so be sure that the crystals are heated very gently at first.  After the vapor is apparently driven off, heat more strongly for five minutes.  Cool, and find the mass of the crucible, cover, and anhydrous alum.


Alternatively, the water of hydration can also be driven off by heating the crucible containing alum in an oven at 110ºC overnight.


Calculate the mass of the anhydrous alum and the mass of the water that was driven off.  Find the moles of anhydrous KAl(SO4)2, and the moles of H2O.  Calculate the ratio of moles H2O: moles KAl(SO4)2, and give the calculated formula of alum, KAl(SO4)2 x X2HO, where X= the ratio of moles H2O : moles KAI(SO4)2. Compare your value with that of alum. 

Part 3. Determine the Percent Sulfate in Alum


Obtain a Gooch crucible with fiber glass filter pad, Walters adapter and filter flask.  Use suction to pull distilled water through the filter pad, pace the crucible in a beaker and dry it in a drying oven. After it is cool, determine its mass using a sensitive balance. Barium sulfate crystallizes as very tiny particles, so a filter crucible works well. If no Gooch crucible is available use a funnel and fine grained filter paper. Measure the mass of a piece of the filter paper. 


Use the sensitive balance to accurately weigh about 1 gram of alum into a 250 mL beaker. Dissolve in approximately 50 mL of distilled water. Calculate the volume of .2 M Ba(NO3)2 slowly, while stirring. 


Cover the beaker with a watch glass and heat the solution to nearly boiling. Keep the solution just under the boiling point for at least 15 minutes. During this time, the precipitate particles grow to a filterable size. Alternatively, cover the beaker and allow the precipitate to stand overnight. 


Filter the precipitate through the filter crucible with suction. Do not fill the crucible too full as the barium sulfate has a tendency to creep up the sides. Use a rubber policeman to be sure that every particle is transferred from the beaker and stirring rod into the filter crucible. (Alternatively, filter the precipitate through the fine filter paper). Wash the beaker and then the precipitate several times with small quantities of distilled water. 


Carefully transfer the filter crucible to a beaker and dry it in an oven. (Air dry the filter paper or dry it in an oven at 50°C so that it does not char). Allow the dry filter crucible or paper to cool and determine its mass. 


Calculate the percent sulfate present in the alum and compare to the value calculated from its formula. 

DISPOSAL 

PARTS 1 and 2


Your teacher will provide marked containers in which you should place your used capillary tubes and the anhydrous alum. 

PART 3

Your teacher will provide containers

PRINCIPLES OF MEASUREMENT; SIGNIFICANT FIGURES

OBJECTIVES:

1. To become acquainted with various measuring devices, their uses, and their limitations.

2. To make accurate measurements. 

3. To record measurements correctly.

4. To learn in a practical sense (not “by rote”) what significant figures are.

SAFETY:

There are no special safety precautions for this exercise. Normal care should be taken when working with glassware or with hot objects.

BACKGROUND:
A measurement consists of a unit (eg. Yard, meter, quart, liter) and a number telling how many units are contained in the quantity being measured. For instance, the width of a desk might be recorded as 60 inches or 5 feet. Now, 60 does not equal 5, but 60 inches does equal 5 feet. The difference is in the units. A measurement that consists only of a number without a unit is meaningless. 


RULE: 1. A measurement must be recorded with a number and a unit.



2. A measurement consisting of a number alone is incorrect. 

The numerical part of a measurement must be recorded to the proper number of significant figures. What is a significant figure? One the contains reliable information. 

Often, a student will ask: “How many significant figures do you want?”

The answer is: “As many as you are allowed to have!” 

The next question is: “How many significant figures should I have?”

The answer is: “Look at your measuring device!”

In this lab, our digital balances always give you three decimal places; the unit is grams.


RULE: Always record all the numbers your balance gives you.

Apart from our digital balances, all other measuring devices (rulers, graduated cylinders,  burets, thermometers, ect.) have lines on them. A line on a measuring device will give you a reproducible or certain number. You should always estimate one decimal place beyond the last gradation (line) on your measuring device. The proper number of significant figures in a measurement consists of all the certain numbers plus one (and only one) estimated number. Let the following Table guide you. Be aware that if you learn this Table “by rote,” you will not be able to apply the information when you need to. This exercise is meant to help you internalize the information in this Table, so you will be able to use it whenever you need to. 

DEVICE                                   SMALLEST GRADATION              ESTIMATE TO…

Ruler                                         1 cm                                                 one decimal place

Ruler                                         0.1 cm                                              two decimal places

Thermometer                            1ºC                                                   one decimal place

100-mL graduated cylinder      1 mL                                                 one decimal place

10-mL graduated cylinder        0.1 mL                                              two decimal place

Buret                                         0.1 mL                                              two decimal places 

* Some 10-mL graduated cylinders have marks 0.2 mL apart.  In this case, you still estimate to the second decimal place.  Does this means one is expected to divide the small space between two marks into 20 equal parts?  No! Perhaps the best one can do is to estimate to the nearest 0.05 mL.  That depends on your eye and your ability to distinguish small differences. 

Notice that in the case of the ruler and the graduated cylinder above, the precision of the measurement depends on the number of lines per unit on the measuring device.  The farther apart (the fewer) the lines, the less precise the measurement.  Thus, the precision with which one can measure a quantity depends primarily on the fineness of the gradations on the measuring device.

A given measurement may be very accurate; it may be very precise; but, because the last number is always estimated, any measurement is always inexact.  The rules for working with ‘inexact’ measurements (ie, performing calculations with them) is the subject of laboratory exercise number two. 

PROCEDURE 

1.  Length and volume:  Each bench has a set-up consisting of a 100-mL graduated cylinder, a 10-mL graduated cylinder, a buret, a piece of tape fastened to the bench, and two rulers: a wooden ruler and a plastic ruler.  On the Report Sheet, record the volume of water contained in each graduated cylinder and the amount of water that has been dispensed from the buret.  Record the length of the tape as measured with the wooden ruler and with the plastic ruler.  Use the wooden ruler’ first, then the plastic ruler.  Record all measurements to the proper number of significant figures and with the correct units.  

2.  Mass:   The use of the digital balance will be demonstrated by your instructor.  

NOTE:  A solid object, such as a coin, rubber stopper, graduated cylinder, may be placed directly on the balance pan.  NEVER PLACE A SOLID CHEMICAL DIRECTLY ON THE BALANCE PAN. Always use a piece of weighing paper (looks like a piece of waxed paper)  when weighing chemicals.  Also, NEVER PLACE A HOT OBJECT ON THE BALANCE PAN. The resulting convection current (hot air rising) around the hot object will cause the measurement of mass to be inaccurate. 

Weigh a coin, preferably a nickel, and record its mass on the report sheet. 

3.  Temperature:  Take your 250-mL beaker and fill it about half-way with crushed ice.  Add water to the ice until the level of the water is about even with the top of the ice.  Use a thermometer to record the temperature of ice water.  Use the same thermometer for the next part.  

Take your 400-mL beaker and fill it about half full with distilled water.  Record the temperature of the water at room temperature.  Place 2-3 boiling chips in the water in the 400-mL beaker and heat the water to boiling.  Your instructor will demonstrate how to set up a boiling-water bath.  As you heat the water, small bubbles are air that was dissolved in the water and that is expelled as the water becomes warm.  When you have true boiling, the surface of the water will be agitated (roiling).  Record the temperature of boiling water on the report sheet.

NOTE:  The bulb of the thermometer must remain submerged in the liquid while you are measuring the temperature.  When you put the thermometer into ice water or into boiling water, it will take some time for the thermometer itself to lose heat (to the ice water)  or to gain heat (from the boiling water) and reach the same temperature as the water. Be patient, and check the temperature at least two times about 10-15 seconds apart.  If the two temperatures are the same, you are finished.  If the two temperatures are not the same, your thermometer has not yet reached the temperature of the water.  Wait a while and check it again.

If you leave the thermometer sitting in the beaker over the burner while the water is getting hot, the hot air rising around the side of the beaker will get the top of the thermometer that extends over the side very hot.  Your measurement will not be accurate.  Put the thermometer into the water after it has started boiling and wait for the liquid in the thermometer stem to stop rising.

QUESTIONS:

1. Indicate whether each of the following can be determined exactly or must be measured with some degree of uncertainty.

a) the number of seconds in an hour

b) the number of pages in a book

c) the number of grams in your weight

d) the number of grams in 3 kilograms

e) the volume of water you drink in one day

f) the distance from San Francisco to Kansas City

g) the mass of a book

2.  A burning match and a bonfire may have the same temperature, yet you would not sit around a burning match on a winter evening to stay warm.  Why not?

3.  Explain how you could tell if the temperature outside was higher or lower then O degrees Celsius without measuring it. 

4.  Compare and define accuracy and precision.   

Part two Density and Signifigant figures
1.
Weigh your clean, dry 10 ml graduated cylinder.

2.
Put 10.00 ml of distilled water into your 10 ml graduated cylinder and weigh the cylinder plus the water  (how many sig figs do you have?)

3. 
Calculate the mass of the water.

4.
Record the volume of the water.  Take care that you record the actual volume, in case you did not follow directions carefully for line 2.

5.
Calculate the density of the water.

Part of an Irregularly Shaped Object
6. 
Take either a metal cylinder, a black rubber stopper, or a cork stopper.  Indicate on your report sheet which object  you took.

7.
Weigh the object (Make sure it is dry!)

8.  
Put about 40 ml of water into your 100-ml graduated  cylinder.  Record the actual volume of water on line 8 on the report sheet.

9.
Carefully place your weighed object into your 100-ml graduated cylinder and record the new volume of the water in the cylinder.

10. 
Calculate the volume of the solid object.

11.
Calculate the density of the solid object.

Part 3 Density of a Regular Block of Wood
1.
Measure the length, width, and height of a block of wood in cm and in inches:

2.
Calculate the ratio cm/in from your measurements.

3.
Calculate the volume of the block in cm3 and in in3
4. 
Weigh the block of wood

5.
Calculate the density in g/cm3
Qualitative II

Techniques
In this lab, you will perform simple test tube experiments and make careful observations. To separate ions of each group, you will form an insoluble precipitate and centrifuge to remove solid from the ions that remain in solution. You will need to carefully wash the precipitate and decant the solution to remove all soluble ions. You will use pH paper when you acidify and basify your samples. Finally, you will heat in a water bath to perform some reactions. Be sure to use clean glassware to avoid contamination of your sample. Wash glassware with soap and rinse with distilled water.

Each of the techniques listed above are described and illustrated on the ChemLab website. Use the information on the website to learn each boldfaced technique before coming to lab. The technique information on the website will be helpful in answering Prelab Problem 1. 

Procedure
First start heating your water bath, on a hotplate. It should contain distilled water. The bath should be boiling gently when used. 

You are strongly advised to retain the test tubes of all confirmation tests until you complete the experiment. This way, you can reinterpret your results, if necessary. 

Unknown mixture of cations
Obtain your unknown mixture, which contains a subset of the six possible ions. Note its number in your notebook and note as well any simple physical characteristics of the mixture such as color, pH (from indicator paper), etc. Your task is to determine the constituents of the mixture. Use your flowchart and observations to confirm the presence or absence of each cation. Check your flowchart with your TA before beginning your analysis. 

To confirm your analysis of the unknown mixture, use the known solutions of single cations to observe positive confirmation tests. Record an observation for each cation's confirmation test in your notebook, either from your unknown or from a known solution. 

When you have completed the analysis of your unknown, repeat it with a new sample from your unknown vial, if time permits. This will confirm your initial conclusions. 

1. Separation and Analysis of Group I Ions
The solubility products (Ksp) of silver chloride and lead chloride are 1.8 x 10-10 and 1.7 x 10-5, respectively. This means that neither salt is soluble and that AgCl is even less soluble than PbCl2. These two Group I ions (Ag+ and Pb2+) are separated from the other cations in the sample by addition of HCl, precipitation of the Group I metal chlorides, and separation of the solid precipitate from the remainder of the solution, which contains the dissolved Group II and III ions. Be careful to avoid a large excess of HCl, since both cations form soluble complex cations with excess chloride ions.

Add 6 drops of 6 M HCl to no more than 1 mL of the solution to be analyzed. If a precipitate forms, centrifuge the sample, and save the liquid solution for further analysis in Section 2.

A sample after centrifugation is shown. Make sure the solution is completely clear. Add an additional drop or two of HCl and let the solution sit, to see if more AgCl or PbCl2 precipitate forms. If so, remove by centrifugation. Carefully wash the precipitate and test it for lead and/or silver.To make the most efficient use of time, you should begin the separation of Group II ions, in section 2 at this point. While that solution is heating in the water bath, you can return to your Group I ions and perform the confirmation tests for lead and silver. Careful labeling and notebook records will help you to keep track of your test tubes.

A. Confirmation of Lead (Pb2+)
Lead chloride is almost three times more soluble in hot water than cold. One may use this as a basis for separating it from silver chloride. The presence of lead is then confirmed by precipitation of yellow lead chromate.

Add ~20 drops of hot distilled water to the solid precipitate from above. Centrifuge while hot, decant, and save both the solution and the solid. Add 2-3 drops of 1 M K2CrO4 to the solution. A bright yellow precipitate confirms the presence of Pb2+.


B. Confirmation of Silver (Ag+)
Silver forms a soluble complex ion with aqueous ammonia. The presence of silver is confirmed by dissolving any remaining solid residue in 6 M NH3 (aq) and then re-precipitating the chloride by freeing the silver ion from the complex ion using 6 M acid.

Add ~5 drops of 6 M NH3 (aq) to the solid from A, keeping your test tube near the inlet of the fume exhaust vent. The solid should dissolve, but if any precipitate remains, centrifuge and proceed using only the centrifugate. Add 6 M HNO3 to the solution until the solution is acidified, using pH indicator paper to test for acidification. A white precipitate (AgCl) confirms the presence of Ag+. The Cl- needed for precipitation will be present from the prior dissolution of AgCl.

To perform this test on a known solution containing silver ions, add HCl to the solution to observe the AgCl precipitation.

2. Separation and Analysis of Group II Ions
The Group II ions are separated from those in Group III by adding hydrogen sulfide to the mixture in acidic solution. We use an organic precursor, thioacetamide (CH3CSNH2), which decomposes to hydrogen sulfide in the presence of acid according to the net reaction
CH3CSNH2 + 2 H2O [image: image4.png]


CH3CO2- + NH4+ + H2S
The Group II ions precipitate as sulfides on reaction with S2- from H2S.

Add 2 drops of 6 M HCl to the solution from Section 1 and dilute to ~2.5 mL. Confirm acidity with pH paper. With the sample solution placed near the fume exhaust vent, add 10 drops 5% thioacetamide solution, stir, and heat in a water bath for at least 10 minutes. The precipitate contains copper sulfide. Centrifuge, decant, and save the centrifugate for Group III identification. Wash the precipitate by stirring it with ~10 drops of 1 M HCl, centrifuge, and combine the centrifugate with that from the previous centrifugation. It is essential to remove all solid group II ions, so they will not interfere with the group III analysis later on.

A. Confirmation of Copper (Cu2+)
The precipitated sulfides are redissolved by addition of conc. HNO3, producing free ions and elemental sulfur. Once the ions are redissolved, one can confirm the presence of the Group II ion, Cu2+. Addition of conc. ammonia (NH3 (aq) ) initially results in the precipitation of copper hydroxide. Excess aqueous ammonia redissolves the copper hydroxide via the complex ion, Cu(NH3)42+. A characteristic blue color confirms the presence of Cu2+ in solution.

Add ~8 drops of 16M HNO3 to dissolve the precipitate which contains Cu2+. If large black "clumps" remain, centrifuge and discard the solid. It is probably PbS(s) or S(s). If solid floats, remove the solution to a clean test tube with a dropper, leaving the solid behind. Now add conc. NH3 (aq) until the solution is strongly basic according to pH paper. This could take as much as 20 drops. A blue solution indicates the presence of Cu2+ ions.

3. Analysis of Group III Ions
The Group III ions form sulfides that are more soluble than those of Group II, but they may be precipitated as sulfides if the sulfide concentration is sufficiently large. Addition of conc. NH3 (aq) to the thioacetamide insures that the necessary sulfide concentration will be reached.

Your cation solution should contain only Group III ions after the procedure outlined in Section 2 above. Keeping your sample near the fume exhaust vent, add ~5 drops of 5% thioacetamide solution, stire, and heat for ~5 minutes. Add ~5 drops of conc. NH3 (aq), stir and heat for 5 additional minutes. The precipitate contains the sulfides of the Group III ions. Centrifuge and discard the liquid.

A. Separation of Nickel (Ni2+) from Iron (Fe2+) and Manganese (Mn2+)
The sulfides of Fe2+ and Mn2+ are soluble in 1 M HCl, but nickel sulfide is not. This is used as the basis for separating Ni2+ from the remaining two ions.

Add ~10 drops of 1 M HCl to the precipitate prepared above, stir and centrifuge. Decant and wash any solid residue (NiS) with ~5 drops of 1 M HCl, and add the wash to the centrifugate. If present, Fe2+ and Mn2+ should now be in the solution. If solid floats, remove the solution to a clean test tube with a dropper, leaving the solid behind.

B. Confirmation of Ni2+
Nickel sulfide is soluble in a mixture of nitric and hydrochloric acids that converts sulfide to elemental sulfur. In this reaction sulfur is oxidized from the -2 oxidation state (S2-) to the zero oxidation state (S(s)). At the same time, the nitrogen is reduced from a +5 oxidation state (NO3-) to a +2 oxidation state (NO). The free Ni2+ that results is first complexed with ammonia and then detected as an insoluble, scarlet coordination compound of dimethylglyoxime (DMGH2). The structures of DMGH2 and the coordination compound are shown below. Note that DMGH2 is weakly acidic and loses one of its two acidic protons in order to form an electrically neutral complex. This DMGH2 conjugate base anion can be abbreviated DMGH- in your net reactions.
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Add ~6 drops of conc. HCl and 2 drops of conc. HNO3 to any precipitate from A and heat the mixture. Add 6 M NH3 (aq) a few drops at a time. Stir with a clean stirring rod after each addition of NH3 (aq) and test the pH with indicator paper. Add NH3 (aq) until a strongly basic pH is reached. A total of 10-15 drops are typically required. This produces the Ni(NH3)62+ complex ion. Dilute to 1 mL with H2O. Add ~3 drops of dimethylglyoxime to the solution. Ni2+ is confirmed by the formation of a scarlet to strawberry-red precipitate.

C. Confirmation of Mn2+
Manganese is detected by oxidation of Mn2+ to permanganate ion (MnO4-) by sodium bismuthate (NaBiO3) in nitric acid. In this reaction, manganese is oxidized from the +2 oxidation state (Mn+2) to the +7 oxidation state (MnO4-). At the same time, bismuth is reduced from the +5 to the +3 oxidation state (Bi+3). You can tell that reaction has occurred from the distinctive purple or pink color of permanganate.

Add 5 drops of 6 M HNO3 and ~2 drops of 1 M sodium nitrite (NaNO2) to the solution from part A, and dilute to 1 mL. Heat the solution and, after cooling, divide it into 2 parts, setting aside one part for section D below. Add a spatula tip of NaBiO3 and ~2-3 drops or more of 6 M HNO3. The formation of a transient pink to purple color of MnO4- confirms Mn2+. An additional spatula tip of solid and a gentle shake of the test tube may make this subtle color change more apparent. Bismuthate (BiO3-) in strong acid is predominantly molecular bismuthic acid (HBiO3) and is reduced to Bi3+.

D. Confirmation of Fe2+/Fe3+
The confirmation test for Fe3+ is simple. Treating the solution with nitric acid in step C, above, oxidizes Fe2+ to Fe3+. The latter ion reacts with thiocyanate ion to produce a well-known "blood red" hexathiocyanato complex ion.

To the solution set aside in part C add 2-3 crystals of NH4SCN. Very little solid is required for the solution to turn a dark blood red, if Fe3+ is pres
Student Safety Contract
PURPOSE

Science is a hands-on laboratory class. You will be doing many laboratory activities that require the use of hazardous chemicals. Safety in the science classroom is the #1 priority for students', teachers, and parents. To ensure a safe science classroom, a list of rules has been developed and pro​vided to you in this student safety contract. These rules must be followed at all times. Two copies of the contract are provided. One copy must be signed by both you and a par​ent or guardian before you can participate in the laboratory. The second copy is to be kept in your science notebook as a constant reminder of the safety rules.

GENERAL GUIDELINES

1.
Conduct yourself in a responsible man​ner at all times in the laboratory.

2.
Follow all written and verbal instruc​tions carefully. If you do not understand a direction or part of a procedure, ask the instructor before proceeding.

3.
Never work alone. No student may work in the laboratory without an instructor present.

4.
When first entering a science room, do not touch any equipment, chemicals, or other materials in the laboratory area until you are instructed to do so.

5.
Do not eat food, drink beverages, or chew gum in the laboratory. Do not use laboratory glassware as containers for food or beverages.

6.
Perform only those experiments autho​rized by the instructor. Never do anything in the laboratory that is not called for in the laboratory procedures or by your instructor. Carefully follow all instruc​tions, both written and oral. Unauthorized experiments are prohib​ited.

7.
Be prepared for your work in the labora​tory. Read all procedures thoroughly before entering the laboratory. Never fool around in the laboratory. Horseplay, practical jokes, and pranks are danger​ous and prohibited.

8.
Observe good housekeeping practices. Work areas should be kept clean and tidy at all times. Bring only your laboratory instructions, worksheets, and/or reports to the work area. Other materials (books, purses, backpacks, etc.) should be stored in the classroom area.

9.
Keep aisles clear. Push your chair under the desk when not in use.

10.Know the locations and operating proce​dures of all safety equipment including the first aid kit, eyewash station, safety shower, fire extinguisher, and fire blan​ket. Know where the fire alarm and the

      exits are located.

11.Always work in a well-ventilated are Use the fume hood when working with volatile substances or poisonous vapors. Never place your head into the fume hood.

12.
Be alert and proceed with caution at all times in the laboratory. Notify the instructor immediately of any unsafe conditions you observe.

13.
Dispose of all chemical waste properly. Never mix chemicals in sink drains.  Sinks are to be used only for water and those solutions designated by the instructor. Solid chemicals, metals, matches, filter paper; and all other insol​uble materials are to be disposed of in the proper waste containers, not in the sink. Check the label of all waste con​tainers twice before adding your chemi​cal waste to the container.

14.
Labels and equipment instructions must be read carefully before use. Set up and use the prescribed apparatus as directed in the laboratory instructions or by your instructor.

15.
Keep hands away from face, eyes, mouth and body while using chemicals or preserved specimens. Wash your hands with soap and water after perform​ing all experiments. Clean (with deter​gent), rinse, and wipe dry all work surfaces (including the sink) and appara​tus at the end of the experiment. Return all equipment clean and in working order to the proper storage area.

16.
Experiments must be personally moni​tored at all times. You will be assigned a laboratory station at which to work. Do not wander around the room, distract other students, or interfere with the labo​ratory experiments of others.

17.
Students are never permitted in the science storage rooms or preparation


areas unless given specific permission by their instructor.

18.
Know what to do if there is a fire drill during a laboratory period; containers

      must be closed, gas valves turned off,

      fume hoods turned off, and any

     electrical equipment turned off.
CLOTHING

19.
Any time chemicals, heat, or glassware are used, students will wear laboratory goggles.  There will be no exceptions to this rule.

20.
Contact lenses should be worn with

caution.

21.
Dress properly during a laboratory activ​ity. Long hair, dangling jewelry, and loose or baggy clothing are a hazard in the laboratory. Long hair must be tied back and dangling jewelry and loose or baggy clothing must be secured. Shoes must completely cover the foot. No san​dals allowed.  Lab aprons have been provided for your use and should be worn during labora​tory activities.

ACCIDENTS AND INJURIES

22.
Report any accident (spill, breakage, etc.) or injury (cut, burn, etc.) to the instructor immediately, no matter how trivial it may appear.

23.
If you or your lab partners are hurt, imme​diately yell out "Code one, Code one" to get the instructor's attention.

24.
If a chemical should splash in your eye(s) or on your skin, immediately flush with running water from the eye​wash station or safety shower for at least 20 minutes. Notify the instructor immediately.  Saturated clothing must be removed.  Go to bathroom if nessesary.

25.
When mercury thermometers are bro​ken, mercury must not be touched. Notify the instructor immediately.

HANDLING CHEMICALS

26.
All chemicals in the laboratory are to be considered dangerous. Do not touch, taste, or smell any chemicals unless specifically instructed to do so. The proper technique for smelling chemical fumes will be demonstrated to you.

27.
Check the label on chemical bottles twice before removing any of the con​tents. Take only as much chemical as you need.

28.
Never return unused chemicals to their original containers.

29.
Never use mouth suction to fill a pipet. Use a rubber bulb or pipet pump.

30.
When transferring reagents from one container to another, hold the containers away from your body.

31.
Acids must be handled with extreme care. You will be shown the proper method for diluting strong acids. Always add acid to water, swirl or stir the solu​tion and be careful of the heat produced, particularly with sulfuric acid.

32.
Handle flammable hazardous liquids over a pan to contain spills. Never dispense flammable liquids anywhere near an open flame or source of heat.

33.
Never remove chemicals or other materi​als from the laboratory area. Never store chemicals in open containers.

34.
Take great care when transferring acids and other chemicals from one part of the laboratory to another. Hold them securely and walk carefully.

HANDLING GLASSWARE

AND EQUIPMENT

35.
Carry glass tubing, especially long pieces, in a vertical position to minimize the likelihood of breakage and injury.

36.
Never handle broken glass with your bare hands. Use a brush and dustpan to clean up broken glass. Place broken or waste glassware in the designated glass disposal container.

37.
When removing an electrical plug from its socket, grasp the plug, not the electri​cal cord. Hands must be completely dry before touching an electrical switch, plug, or outlet.

38.
Examine glassware before each use. Never use chipped or cracked glassware. Never use dirty glassware.

39.
Report damaged electrical equipment immediately. Look for things such as frayed cords, exposed wires, and loose connections. Do not use damaged elec​trical equipment.

40.
If you do not understand how to use a piece of equipment, ask the instructor for help.

41.
Do not immerse hot glassware in cold water; it may shatter.

HEATING SUBSTANCES

42.
Exercise extreme caution when using a gas burner. Take care that hair, clothing and hands are a safe distance from the flame at all times. Do not put any sub​stance into the flame unless specifically instructed to do so. Never reach over an exposed flame. Light gas      burners only as instructed by the teacher.

43.
Never leave a lit burner unattended. Never leave anything that is being heated or is visibly reacting unattended. Always turn the burner or hot plate off when not in use.

44.
You will be instructed in the proper method of heating and boiling liquids in test tubes. Do not point the open end of a test tube being heated at yourself or anyone else.

45.
Heated metals and glass remain very hot for a long time. They should be set aside to cool and picked up with cau​tion. Use tongs or heat-protective gloves if necessary.

46.
Never look into a container that is being heated.

47.
Do not place hot apparatus directly on the laboratory desk. Always use an insu​lating pad. Allow plenty of time for hot apparatus to cool before touching it.

Instructor copy

Return signed to your chemistry instructor
I, ___________________________________(students name)

 have read and agree to follow all of the safety rules set forth in this contract. I realize that I must obey these rules to insure my own safety, and that of my fellow students and instructors. I will cooperate to the fullest extent with my instructor and fellow students to maintain a safe lab environment. I will also closely follow the oral and written instructions provided by the instructor. I am aware that any violation of this safety contract that results in unsafe conduct in the laboratory or misbehavior on my part, may result in being removed from the laboratory, detention, receiving a failing grade, and/or dismissal from the course. 
  

Student Signature ____________________________________

 Date ______________

Dear Parent or Guardian:

We feel that you should be informed regarding the schools effort to create and maintain a safe science classroom/laboratory environment.  With the cooperation of the instructors, parents, and students, a safety instruction program can eliminate, prevent, and correct possible hazards. 

You should be aware of the safety instructions your son/daughter will receive before engaging in any laboratory work. Please read the list of safety rules above. No student will be permitted to perform laboratory activities unless this contract is signed by both the student and parent/guardian and is on file with the teacher. 

Your signature on this contract indicates that you have read this Student Safety Contract, are aware of the measures taken to insure the safety of your son/daughter in the science laboratory, and will instruct your son/daughter to uphold his/her agreement to follow these rules and procedures in the laboratory. 


  Parent/Guardian Signature _______________________________________


  Date _________________
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