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 (
Lab 4-1 Naming Compounds
)




 (
Introduction
When chemistry was an infant science, there was no system for naming compounds. Scientists coined names such as “sugar of lead”, “quicklime”, “Epsom salts” and “laughing gas”. Such names were called 
common names
. With the more than 4 million chemical compounds that are known, the use of common names is not practical. A system was developed to name compounds. After learning the system, you should be able to name a compound given the formula. Also, you should be able to construct the formula of a compound given its name. 
Compounds are divided into two broad categories: those compounds that contain a metal combined with a non-metal and those compounds made from two or more non-metals. This lab will give you practice in identifying, writing and naming compounds within these categories.
)












 (
Materials:
Chemical Sets
)



 (
Safety Considerations:
Even though many of these chemicals have pretty colors, do not touch, taste or smell them. 
)







Procedure:

1. Visit each set of chemicals and read the name or formula for each bottle in the set.

2. Record the name or formula in your results table and fill in the missing name or formula for each bottle in the set,

3. Write a brief description of each compound in the set.

4. Complete each table by noting something that all three compounds in each set have in common.




Pre-lab Questions:

1. What are the two broad categories of chemical compounds?
2. Give an example of a common name for a chemical (other than those used in the introduction).
3. Why are common names not used in most scientific activities?
4. What is the chemical name and formula for “sugar of lead” (hint: see your textbook)?
5. How does the chemical compound referred to in #4, relate to the fall of the Roman Empire?
6. How do ionic compounds differ from covalent compounds?
7. Ionic compounds are usually formed between what types of elements?
8. All group II elements exhibit what charge on their ions?
9. Some metals form ions of more than one charge. Where are most of these located on the periodic table? 
10. How are the various form of the same metals distinguished in naming ionic compounds?
11. Covalent compounds consist of what types of elements?
12. What elements do all organic compounds have in common?

Data
Reproduce the following data table 8 times in your lab notebook (Sets A-H)

	Set:

	Chemical Name
	Formula
	Description

	1.
	
	

	2.
	
	

	3.
	
	

	Commonality: *



*state two things the chemicals have in common with each other. This could include color, texture, formula, common element etc.

Conclusion

1. What color do these compounds tend to be:

Copper:

Chloride:

Dichromate:


2. Why is calcium dichloride not an acceptable name for CaCl2?






 (
Lab 5-1 Understanding the Mole
(Adapted from: Laboratory Manual accompanying Chemical Principles by 
Masterton
 & 
Slowinski
)
)




 (
Introduction
The relative mass of an object is how many times more massive the object is than the standard object. The atomic masses of atoms are all relative masses. Historically, both oxygen and carbon have served as the standard object. For the purposes of this lab we will be using hydrogen as our standard. Hydrogen is the least massive element with a mass of approximately one. Therefore fluorine, with an atomic mass of 19, is 19 times more massive than hydrogen. In this experiment you will be calculating the relative masses using beans instead of atoms. You will then be asked to draw a parallel to the atomic masses of elements.
)














 (
Materials:
Lima Beans
Pinto Beans
Lentil Beans
Navy Beans
) (
Equipment:
Balance
150 mL beaker
)








 (
Safety Considerations:  
Just don’t spill the beans
 
)





Procedure:

1. Measure the mass of a 150 mL beaker. Into the beaker count exactly 100 beans of one type. Discard any beans that differ greatly from the average bean (broken ones..etc).
2. Mass the beaker and the beans. Subtract the mass of the beaker to find the mass of just the beans.
3. Repeat for each type of bean.



Calculations: Do the following calculations and fill in the data table as you proceed.

1. Calculate (do not mass) the average mass of one bean of each type.


2. Determine the relative mass of each bean type.

Relative Mass = (average mass of one bean/average mass of the lightest type of bean)

3. Calculate the number of beans in one relative mass of each bean.

Number of beans in one relative mass = (relative mass/average mass of one bean)

4. Check your calculated results in step 3 by following these steps:

a. Place a beaker on the balance and hit the re-zero button.
b. Add beans of one type until the balance reads, as close as possible, one relative mass of the bean type.
c. Count the beans that you have placed in the beaker. Record this as the measured number of beans in one relative mass

Pre-lab: Reproduce the following data table in your lab notebook.

	Bean type
	Lima
	Pinto
	Navy
	Lentil

	
Mass of 100 beans
	
	
	
	

	Average mass of one bean

	
	
	
	

	Relative mass of beans 
(# 2 above)

	
	
	
	

	Calculated number of beans in one relative mass
(# 3 above)

	
	
	
	

	Measured number of beans in one relative mass
(# 4 above)

	
	
	
	





Conclusion Part 1:

1. What did you find about the number of beans in one relative mass?
2. How do your calculated values of beans compare to your measured values?
3. If you had an equal number of each bean type in a pile, which bean would have the most volume? Why?
4. What is the average mass of the lightest bean?
5. Among the elements, hydrogen has the least massive atoms with an average mass of 1.66  x 10-24 g. This is very small, but remember it is only one atom! What is the relative mass of hydrogen? How does this compare to the atomic mass of hydrogen?

Conclusion Part II:
Reproduce and complete the following data table in your lab notebook:


	Atom
	Hydrogen
	Carbon
	Iron
	Aluminum
	Zinc
	Lead
	Copper

	Mass of one atom (g)
	
1.66 x 10-24
	
2.00 x 10-23
	
9.30 x 10-23
	
4.49 x 10-23
	
1.08 x 10-22
	
3.44 x 10-22
	
1.05 x 10-22

	Mass relative to hydrogen

	
	
	
	
	
	
	

	Atomic mass from periodic table
	
	
	
	
	
	
	

	Number of atoms in one relative mass
	
	
	
	
	
	
	



Questions:

1. How do the atomic masses found on the periodic table compare to the relative masses you calculated?
2. What did you find out about the number of atoms of each element in one relative mass? Does this number seem familiar to you?
3. One mole of atoms contains how many atoms?
4. How many atoms are in one mole of uranium atoms?
5. How many grams are in one mole of uranium atoms?
6. Which would have more volume: a mole of zinc atoms or a mole of lithium atoms? Why?
7. You may have noticed that every bean of one type was not the same size. What is this analogous to in the world of atoms?







 
 (
Lab 5-2 Determining an Empirical Formula 
)




 (
Introduction
In a sample of a compound, regardless of the size of the sample, the number of moles of one element divided by the moles of another element will form a small whole number ratio. These whole number ratios can be used to determine the empirical formula of the compound. An empirical formula is a formula that has the simplest whole number ratio of atoms in the formula. For example, suppose it was determined that a compound was made up of 18 g of carbon and 6 g of hydrogen. If the grams of these elements were converted to moles you would get 1.5 moles of carbon and 6 moles of hydrogen. These numbers form a small whole number ratio:
1.5 moles of carbon  
      
1
6 moles of hydrogen 
=
    4
The 1-to-4 ratio means that for every 1 atom of carbon there are 4 atoms of hydrogen. The empirical formula of the compound is CH
4
. The purpose of this experiment is to determine, through experimental means, the empirical formula of a compound.  You will do this by calculating the moles of magnesium and oxygen that combine with each other and then determine the smallest whole number ratio of the elements.
)


















 (
Materials
Magnesium ribbon
) (
Equipment
Crucible & cover
Ring stand
Clay triangle
Crucible tongs
Bunsen burner
Balance
)










 (
Safety Considerations:
Do not touch hot crucible with your fingers (no duh!). Tie back long hair and secure loose clothing when working around an open flame. Safety goggles and aprons must be worn for this experiment.
)









Procedure:

1. Obtain a crucible. (There may be a small amount of crud in the crucible. This will not affect the results of the experiment. DO NOT wash crucibles in water). Since there may be a small amount of moisture in the crucible, dry the crucible by heating, at first gently, and then strongly in a Bunsen burner flame for about two minutes. Place the crucible on the wire gauze and allow it to cool (do not put the hot crucible on the lab table). After this point do not touch the crucible with your hands.  Mass and record the crucible.

2. Obtain a piece of magnesium ribbon from your wise instructor. Tear the piece of magnesium into smaller pieces, about 1 cm in size (do not be an idiot and try to measure the size of the pieces…it doesn’t really matter). Place the magnesium pieces in the crucible and mass the crucible and its contents. Record.
[image: ]
3. Place the crucible in the clay triangle (see figure). Heat gently for about two minutes. Then heat strongly for five minutes. As the crucible is heated you will see a reaction occur. Heat until a whitish-gray powder forms and you no longer see a glowing reaction. 

4. Turn off the burner.  Remove the crucible and set it on the wire gauze and allow it to cool. After the crucible is cool enough to touch, examine the contents. Record your observations.

5. Mass the crucible and the contents. Record. Scrape and discard the contents of the crucible in the wastebasket. DO NOT wash the crucible in water. 

6. Record data from two different groups.

Pre-Lab Questions

1. What is the mole ratio of magnesium to chlorine in the compound MgCl2?

2. In the course of this experiment the magnesium will combine with oxygen. Will the mass of the compound formed have more or less mass than the magnesium metal? Explain.

3. What is an empirical formula? Is C11H22O11 an empirical formula? Why or why not?

4. A student did an experiment which combined sulfur with oxygen. She started out with 1.28 g of sulfur. After the chemical reaction she found the sulfur/oxygen compound had a mass of 3.20 g. What is the empirical formula of the compound (Show your work)?

5. Why must the crucible be heated in step 1 before the experiment is started? Why must you not touch the crucible with your hands after step one?


Data:
Neatly record the following mass measurements in your notebook. 

Mass of crucible:
Mass of crucible and magnesium:
Mass of crucible and magnesium oxide compound:

Put your calculated measurements in the following table along with the data from two other groups.
				
	
	Your Data
	Class Data 1
	Class Data 2
	Average

	Mass of Magnesium
	
	
	
	

	
Mass of Oxygen
	
	
	
	

	
Moles of Magnesium
	
	
	
	

	
Moles of Oxygen
	
	
	
	



Using the averages, what is the mole ratio of magnesium to oxygen?

Synthesis:

1. Based on your experiment, what is the formula for the oxide of magnesium you made?

2. Based on the sheet of common ions, what should be the formula for the oxide of magnesium?

3. A student did this same experiment with 2.65 g of magnesium. What mass of oxygen should theoretically combine with the magnesium?

4. A student did this same experiment but did not properly remove the moisture from the crucible at the beginning of the procedure. How would this affect the ratio of magnesium to oxygen? Explain.

5. A student made the following statement: “In the compound Na2O, there are 2.0 g of Na for every 1 g of O.” Is this statement correct? What should he have said?



 (
Lab 5-3 Formula of a Hydrate
)



 (
Introduction
Many salts appear in a crystal form. Even though these salts appear to be dry, they give off large amounts of water when heated. Then crystals often change color when the water is released. This suggests that water is part of their crystal structure. These compounds are called hydrates, meaning they contain water. When these compounds are heated strongly in a crucible, the water is driven off, leaving an anhydrous compound (without water). The amount of water present in a hydrated compound is in a whole number ratio. One common example of a hydrate is copper (II) sulfate 
pentahydrate
. The formula of the compound is CuSO
4
 • 5 H
2
O. The formula of the anhydrous form of the compound is simply CuSO
4
.  The formula indicates there are five moles of water for every one mole of copper (II) sulfate.
In this lab you will be given an unknown hydrate. You will determine the percentage of water in the hydrate and the formula of the hydrate.
)
















 (
Materials
Unknown Hydrate
) (
Equipment
Bunsen 
Burner
Crucible & Cover
Crucible Tongs
Clay Triangle
Ring Stand
Balance
)










 (
Safety Considerations:
Do not touch hot crucible or ring stand with fingers. Tie back long hair and secure loose clothing when working around an open flame. Safety goggles and aprons must be worn for this experiment.
)





Procedure:

1. Heat a clean crucible and cover for several minutes to drive off the water. Allow the crucible to cool, mass and record (remember: you are not to place the hot crucible directly on the tabletop). From this point on you should not touch the crucible with your hands.
2. Place enough of the unknown hydrate into the crucible so that it is about one-fourth to one-third full. Find and record the mass of the crucible and hydrate.

3. Place the crucible, with the cover slightly off, into the clay triangle and begin heating. Gradually increase the heat strongly for 5 minutes.

4. After 5 minutes of heating, use a micro spatula to break-up any “caked” portion of the solid in the crucible. Continue to heat for 5 more minutes.

5. Remove the crucible and cover from the triangle and allow cooling with the cover on. Find the mass of the crucible and anhydrous salt.

6. Scrape out the salt into the wastebasket. DO NOT wash crucible in water. 


Pre-lab Questions:

1. Define hydrate:

2. Define anhydrous:

3. In this experiment a hydrate will be heated. Will the mass be more or less after the heating? Why?

4. What is the percent of water in copper (II) sulfate pentahydrate?

5. What is the formula of the anhydrous form of sodium sulfate decahydrate?

6. A student heated up 2.438 g of an unknown hydrate with the formula of MgCl2 • xH2O. After the experiment there were 1.389 g of the anhydrous MgCl2 was recovered. What is the value of x in this experiment (show your work). What is the name of this hydrate?

7. A student did the experiment described in problem 6 and got an (incorrect) value of 2 for x. What part of the experimental procedure most likely led to the error in this experiment?


Data:
Neatly record mass measurements and observations in your lab notebook:

Mass of crucible:
Mass of crucible and hydrate:
Mass of crucible and anhydrous compound:



Calculations 
Show all of your work with units

1.  Mass of hydrate used:

2. Mass of the anhydrous salt:

3. Formula mass of anhydrous salt:

4. Moles of anhydrous salt:

5. Mass of water given off:

6. Moles of water given off:

7. Ratio of anhydrous salt to water:

8. Percent of water in the hydrate from calculations above:


Conclusion:

1. What is the formula of the hydrate in your experiment? What is the name of the hydrate?

2. From your instructor, obtain the true value of the % of water in the hydrate. What is your percent error in this experiment (show work)?

3. Why must you keep the cover on the crucible during the cooling process?

4. Small packets of anhydrous compounds are placed in the packaging of certain moisture sensitive pieces of equipment (such as cameras). Why?
 
















 (
Lab 6-1: Types of Chemical Reactions
)




 (
Introduction
There are many types of chemical 
reactions,
 however, chemical reactions can be classified into four major types. These reaction types are synthesis, decomposition (analysis), single replacement and double replacement. Not all reactions can be placed into these groups but many can. In this lab you will observe examples of the four types of reactions. You will then write and balance the chemical equations that describe the reactions that you saw.
)









 (
Materials:
Zinc
Magnesium
Copper Wire
Copper (II) Carbonate
Sodium Chloride
HCl (6M) solution
Copper (II) Sulfate solution
Zinc Acetate solution
Sodium Phosphate solution
Silver Nitrate solution
) (
Equipment:
Bunsen burner
Spatula
150 mm test tube
Crucible tongs
Test tube holder
Test tube rack
Wood splints
Evaporating dish
Sandpaper
Goggles
Apron
)

















 (
Safety Considerations:
Tie back hair and secure loose clothing when working with an open flame. Be careful when handling hot test tubes. Point the open end of a test tube away from you and others while heating. Hydrochloric acid is very corrosive and will burn your skin and clothes. Take special care while handling this acid. Goggles and aprons are required for this experiment. 
)











Procedure: (Record all of your observations in your lab notebook)

Part A: Synthesis

Reaction 1	
1. Use a piece of sandpaper to clean a piece of copper wire. Note the appearance of the wire.
2. Using crucible tongs, hold the wire in a  “cool” burner flame for 1-2 minutes. Do not melt the wire. Examine the wire and note any change in its appearance caused by heating.

Reaction 2
3. Place an evaporating dish near the base of the burner. Obtain a piece of magnesium from your cool chemistry teacher. Examine the piece of magnesium ribbon. Using a crucible tongs, hold the sample of magnesium in the burner flame until the magnesium starts to burn. DO NOT LOOK DIRECTLY AT THE FLAME. HOLD THE BURNING MAGNESIUM AWAY FROM YOU AND OVER THE EVAPORTATING DISH. After the ribbon stops burning, put the remains in the evaporating dish. Examine the product (product can be disposed of in wastebasket after cool).

Part B: Decomposition

4. Place a heaping spatula of copper (II) carbonate in a clean test tube. Note the appearance of the sample.
5. Using a test tube holder, heat the copper (II) carbonate GENTLY in the burner for two minutes. HEAT THE TEST TUBE ON AN ANGLE. DO NOT POINT THE TUBE AT YOURSELF OR OTHERS. Remove the test tube from the burner flame and hold a burning wood splint into the test tube. Note how long the splint burns. Note any change in appearance of the residue in the test tube (the residue and wood splints can be disposed of in the wastebasket when cool. DO NOT PUT IN SINK.).
Part C: Single replacement
      Reaction 1	
6. Add about 5 ml (1/4 full) of copper (II) sulfate solution to a test tube. Place a piece of zinc into the solution and let stand for several minutes (go on to step 7 while waiting). Note the appearance of the zinc before and after the reaction.





[image: ]Reaction 2 (Note: Step 8 must be done quickly after  step 7.)									
7. Stand a clean, dry test tube in the test tube rack. Add about 5 ml (1/4 full) of hydrochloric acid. CAUTION: HANDLE ACIDS WITH CARE. Drop a piece of zinc into the acid. Observe and record what happens.
 
8. Using a test tube holder, invert a second test tube over the mouth of the test tube which contains the hydrochloric acid/zinc (see figure). After about 30 seconds, quickly hold a burning wood splint in the mouth of the top test tube. Note the appearance of the substance on the walls of the reaction tube (dump liquids down the drain. Rinse the zinc with water and put into the wastebasket).

Part D: Double replacement

       Reaction 1	
9. Add about 2 ml of zinc acetate solution to a clean dry test tube. Then add about 2 ml of sodium phosphate to the solution in the test tube. Observe what happens and note any changes in the mixture.

      Reaction 2
10. Fill a test tube about ¼ full of water. Add a microspatula of sodium chloride to the test tube. Swirl to dissolve. Add a few drops of silver nitrate solution to the sodium chloride solution. CAUTION: SILVER NITRATE WILL STAIN YOUR SKIN AND CLOTHES.  Observe and record what happens (all solutions can be dumped down the drain).



Pre-Lab Questions:

1. Which chemicals need to be handled with care in this lab?
2. The instructions tell you not to look directly at burning magnesium. This is because burning magnesium produces ultraviolet light. What would prolonged exposure to ultraviolet light do to your eyes? 
3. Using letters (A, B, C etc) to designate elements, write examples of the four major reaction types.
4. Write a balanced equation that represents each of the four reaction types (you may need your textbook here).
5. Two gases will be produced in this experiment: hydrogen and carbon dioxide. Which of these gases are flammable? 
6. A flame test will be used to distinguish between H2 and CO2. Predict what will happen when a flame is put into a test tube containing H2 and into a test tube containing CO2.



Observations and Data

Record your observations in your lab notebook

	Sample				Before reaction			After reaction

Synthesis

Reaction 1: Copper

Reaction 2: Magnesium

Decomposition			

Reaction 1: Copper (II) Carbonate

Single Replacement

Reaction 1: Zinc & HCl

Reaction 2: Zinc & Copper (II) Sulfate

Double Replacement

Reaction 1: Zinc Acetate & Sodium Phosphate

Reaction 2: Sodium Chloride & Silver Nitrate





Reactions

Write a balanced equation for each of the reactions that occurred in the lab.

Synthesis

Reaction 1: (Hint: Cu forms a +2 ion)
Reaction 2: 

Decomposition			

Reaction 1: (Hint: CO2 is one of the products)

Single Replacement

Reaction 1: 
Reaction 2: 

Double Replacement

Reaction 1: 
Reaction 2: 


Conclusion

1. What was the test for hydrogen gas in this experiment? Write the balanced chemical equation that represents the reaction that took place for this test.
2. What does the reaction described in #1 have to do with the crash of the German airship Hindenburg in 1937?
3. What happened in this experiment to indicate carbon dioxide was produced?
4. Give two specific examples that show chemical changes have taken place in this experiment.
5. What is the definition of a precipitate? Where did you see a precipitate form in this lab?
6. What is the relationship between the product of Synthesis: Reaction 1 and one of the products in the Decomposition reaction?
7. The common name for sodium bicarbonate (NaHCO3) is baking soda. Baking soda is a common baking ingredient found in most kitchens. When heated, baking soda decomposes according to the following reaction:

2NaHCO3(s) → CO2(g) + Na2CO3(s) + H2O(g)

a) Why is baking soda useful for extinguishing small kitchen fires?
b) Why should water never be used to put out a grease fire?
c) Why is baking soda used to make cakes and breads rise in the oven?







 (
Lab 6-2 Moles of Iron and Copper
)




 (
Introduction
The mole is a convenient way for us cool scientists to analyze chemical reactions. The mole, as you recall, is equal to 
6.02  x
 10
23
 particles. More importantly, it is known that a mole of any compound or element is equal to its formula mass or atomic mass.  Simply stated, the atomic mass of copper is 63.5 g/mol which 
means
 that the mass of one mole of copper is equal to 63.5 g of copper. Likewise, the molecular mass of water is equal to 18.0 g/mol and the mass of one mole of water is 18.0 g.
The common language in chemical reactions is the mole. In this experiment you will observe the reaction of iron nails in a solution of copper (II) chloride and determine the number of moles involved in the reaction.
)













 (
Materials
copper
 (II) chloride
2  nails
 (sixpenny)
distilled
 water
) (
Equipment
250 mL beaker
wash
 bottle
stirring
 rod
crucible
 tongs
balance
sandpaper
safety
 goggles
lab
 apron
)












 (
Safety Considerations
Copper (II) chloride is poisonous. Do not touch with your hands. Wash your hands before leaving the
 lab. 
)








Procedure:

1. Find the mass of a clean, dry 250 mL beaker. Record the mass.

2. (While you are doing this step your partner can proceed to step 4.) Add approximately 4 g of copper (II) chloride crystals to the beaker. Find the mass of beaker and chemical and record.

3. Add 50 mL of distilled water to the beaker. Swirl the beaker to dissolve the crystals.

4. Obtain two clean, dry nails. Use a piece of sandpaper to make the surface of the nails shiny (this also removes oil that is used in the manufacturing process.). Find the combined mass of the two nails and record.

5. Place the nails in the copper (II) chloride solution. If the nails are not completely covered by the solution add more distilled water (the amount of water will not affect the results of the lab). Swirl the beaker occasionally for about 20 minutes. You should see the formation of copper in the beaker. 

6. Use the crucible tongs to carefully pick up the nails, one at a time. Use distilled water in a wash bottle to rinse off any remaining copper from the nails back into the beaker.  If necessary, use a stirring rod to scrape excess copper from the nails. Always wash the copper back into the beaker. See Figure B (no..I don’t know where Figure A is). Dry off the nails with a paper towel. Mass and record the combined mass of the two nails.

7. Carefully decant the liquid from the solid copper in the beaker (decant means to pour off the liquid and leave the solid behind). Pour the liquid into another beaker so that in case you over-pour the solid can still be recovered. After you are satisfied that you have recovered all of the copper, the liquid can be discarded. 

8. After decanting rinse the copper several times with about 25 mL of distilled water. Decant after each washing.

9. After the final washing place the beaker on a hot plate to dry the copper. After the copper is completely dry mass and record the copper and beaker. Discard the copper into the waste basket.

10. Clean up all your materials and lab table (“a clean lab is a happy lab!).
[image: ]


Pre-lab Questions

1. Tell me something interesting about yourself!
2. Define decant.
3. How many moles are in 0.250 g of iron?
4. What is the mass of 2.53 moles of copper?
5. What is the formula of copper (II) chloride?
6. Write and balance the single replacement reaction between copper (II) chloride and iron (hint: iron forms a +2 ion as a product).
7. What is the ratio of moles of iron to copper in the balanced equation in #6?
8. Using the balanced equation in #6: If 2.00 g of Fe are placed in a copper (II) chloride solution, how many grams of Cu should be produced?
9. A student did the experiment described in #8. At the end of the experiment she collected 1.98g of copper. What was the percent yield in the experiment?
10. The reaction that you wrote in #6 is the reaction that occurred in your experiment. However, if you were to put copper into an iron (II) chloride solution no reaction would occur. Use a reference book to explain why (hint: our current textbook does not explain this very well).
11. What is the ratio of moles of iron to copper in the balanced equation in #7?
12. Which other common (i.e. found in your average American house) metals could be used other than iron in this experiment?


Data:

Neatly record mass measurements in your lab notebook

Calculations:
Show all of your work with units

1. Using your experimental data, what is the mass of iron used in the reaction (hint: the entire nail was not used in the reaction)?
2. What is the mass of copper recovered in this experiment?
3. What are the moles of iron used in the experiment?
4. What are the moles of copper recovered in this experiment?
5. What is the ratio (lowest whole number) of the moles of iron to moles of copper (rounding is permitted here because…well, it just is)?





Conclusion:
Show your stinkin’ work

1. How does your ratio in Calculations #5 compare to the ratio in Pre-lab #7.
2. Using your mass of iron used in the reaction (calculations #1), calculate the theoretical yield of copper in your experiment.
3. What is the percent yield in your experiment?
4. Why is washing the copper necessary in step #8?
5. If a student calculated a percent yield of over 100%, what is most likely the source of error in the experiment (assume calculations have been done correctly)?


Extra Credit: The size of nails is measured in “pennies”. Example: the nails we used in today’s lab were sixpenny nails. A 12 penny nail is larger (duh!). Where did this method of sizing nails come from (I know this has nothing to do with chemistry but I’m just trying to broaden your horizons…you’re welcome).


































 (
Lab 6-3 Predicting & Measuring an Excess Reactant
)




 (
Introduction
In this experiment, you will 
react
 a known amount of zinc with a measured amount of HCl (hydrochloric acid). Some of the zinc will remain unreacted. The amount of zinc in excess will be calculated using stoichiometry. The unreacted zinc will be isolated, and the mass will be measured to determine whether it agrees with the predicted excess. The purpose of the experiment will be to review single replacement reactions and to apply the principles of stoichiometry to calculate the experimental error. 
)











 (
Materials:
2.00 M HCl
Zinc
) (
Equipment:
Test tube (150 mm)
Balance
Wash bottle
Beaker
Bunsen 
Burner
Lab Apron
Safety goggles
10 mL graduated cylinder
)














 (
Safety Considerations
Hydrochloric acid is extremely corrosive. 
Wash
 spills off your skin and clothing with plenty of water
. 
)






Procedure:

1. Determine the mass of a clean dry 150 mm test tube and record.
2. Add 3 large pieces of  zinc to the test tube, measure the mass of the test tube and zinc and record.
3. Add 10.0 mL of 2.0 M HCl to the test tube containing the zinc. Record your observations.
4. Place the test tube in a 150-mL beaker. Mark the beaker with your name and place on the tray for your period. Allow to sit over night.

Day Two:

1. Record your observations of the test tube.
2. Decant the liquid and discard. Rinse the contents of the test tube three time with distilled water.
3. Using your Bunsen burner heat the test tube and the excess zinc gently until all of the water has evaporated.
4. Allow the test tube to cool. Mass and record the test tube and zinc.
5. Discard the zinc in the wastebasket.



Pre-lab Questions:

1. Why must hydrochloric acid be handled carefully?

2. Write the balanced equation for the reaction between zinc and hydrochloric acid.

3. What is the mole ratio of zinc to hydrochloric acid?

4. If 25.0 g of zinc is combined with 25.0 g of hydrochloric acid, which reactant is in excess (show your work)?

5. How much of the reactant in excess is left over from problem # 4 (show your work)?


6. Why must the excess zinc be washed in this experiment?

Data:

Neatly record your observations and data in your lab notebook:


Calculations:

1. In 10.0 mL of 2.0M hydrochloric acid there are 0.730 g of HCl (you will just have to trust me here…we will learn about this in the next unit). How many grams of zinc should have reacted in the experiment?

2. Using your answer in #1 how many grams of zinc should be in excess?

3. Using the data you collected in your experiment what was the amount of excess zinc?

4. Using the answer in # 2 as your true value, what is the percent error for the zinc recovered in this experiment?


Conclusion:

1. What are some probable causes for the error calculated in the experiment?

2. A student used a balance that incorrectly read 2.0g too high in this same experiment. How would this affect the results of the experiment? Why?
3. 
4. In industrial reactions that are used to produce a chemical product one of the reactants will be very much in excess. Why?

5. We did not collect either of the two products in this reaction. Explain how dry zinc chloride and hydrogen gas could be collected.

6. Other than the fact you were told that zinc was the excess reactant in this experiment, what observations also lead you to believe that zinc is excess?




























A SEQUENCE OF CHEMICAL REACTIONS WITH COPPER

Introduction

You are about to enter the exciting world of copper chemistry. A small quantity of copper will be carried through the following transformations:

       Cu  →  Cu(NO3)2  →  Cu(OH)2  →  CuO  →  CuCl2  →  Cu3(PO4)2  →  CuSO4  →  Cu

Not only will this lab teach you much about chemistry, it also gives you practice in many of the laboratory skills we have learned during the course of the year. Most of the labs we have done this year have been completed in one or two lab periods. In the real world, a chemist may work on a problem for months or years. This lab will take 4-5 class periods. Choosing the wrong place to stop will extend the time to six class periods, so watch the directions for suggested stopping places.

Preserving a solution

It will be necessary to preserve a solution from one period to the next. To do this, cover the beaker of solution with a piece of filter paper held in place with a watch glass. Be sure to label your beaker with your name. Fine Print: The management is not responsible for lost or stolen beakers. 


How to succeed

The accomplishment of a satisfactory result in this experiment is dependent to a great extent on a well-ordered laboratory technique (for as Teddy Roosevelt once said: “nine-tenths of wisdom is being wise in time.”)  

Are you ready! (or as Buckwheat once said “ready..otay”) (which, by the way, is the way most cheerleader routines start…but that’s another subject).
 
 (
Goggles and Aprons must be worn at all times in this experiment! (
unless
 you want to take the chance that a freak accident will make you look like elephant 
man.)
)		[image: MPW-19362]	
	
A. Preparation of copper nitrate by oxidation with nitric acid
										
1) Weigh out, to the maximum accuracy of the balance 0.20-0.25 g of copper. Record the mass of copper on the report sheet.

2) Place the copper in the bottom (where else? duh!) of a clean 150 mL or 250 mL beaker. Remember 75% of lab error is the result of dirty glassware. Fine print: I don’t know if this is true because 63 % of all statistics are just made up.

3) This step must be done IN THE HOOD. Concentrated nitric acid is extremely corrosive so take special care not to get it on you! Add about 75-85 drops of concentrated nitric acid to the copper. You should see the formation of an odiferous, poisonous, brown gas called nitrogen dioxide (nitrogen dioxide can be seen in the smog of major cities such as Los Angeles, which explains the strange behavior of Californians).

4) If the reaction appears to have stopped but there is still copper present, add a few more drops of the acid, but don’t get carried away. When all of the copper is used up, add 10 mL of distilled water and save for part B.

Reaction A: On the report sheet write your observations and balanced equation for the reaction in part A. Hints: What two things did you react together (your instructor has little knowledge of the formula for nitric acid…where else could you find the formula)? In addition to the copper compound and the gas given off, another product is water.  

B. Preparation of copper (II) hydroxide from copper (II) nitrate

1) To the blue copper (II) nitrate solution from part A, add 25 mL of 2M NaOH. CAUTION: NaOH is extremely caustic and will burn your skin and eyes! (The “M” on the chemical bottles is a unit of concentration. In other words a 6M solution of NaOH contains 6 moles of NaOH per liter of solution). A blue precipitate of copper (II) hydroxide should form. If the precipitate forms but then fades away add more 6M NaOH, 1 mL at a time, until the precipitate stays. 

2) Dip the end of your stirring rod into the liquid and touch it to red litmus paper. If the paper turns blue (indicating a basic or alkaline solution) then go to the next step. If the red litmus paper does not change, add more 6M NaOH, a drop at a time, until the litmus paper turns blue.

Reaction B: Write your observations and balanced reaction on the report sheet. Hint: This is a double replacement reaction.

C. Preparation of copper(II) oxide from copper (II) hydroxide

1) Add enough distilled water to the beaker containing the copper hydroxide to give a volume of about 100 mL (this step should be done in a 250 mL or 400 mL beaker). Heat gently (which does not mean cook the snot out of it!) until the solution turns black. Stir frequently.  The blue copper (II) hydroxide will decompose into black copper (II) oxide.

2) Before starting this step read “Filtering Hints” below. Carefully pour the CuO solution into the filter paper being careful not to go over the edges of the filter paper. The last trace of CuO should be flushed from the beaker into the filter with a stream of distilled water from a wash bottle (using a wash bottle as a squirt gun will get you a big, fat DT). Keep the filter paper with the CuO and discard the colorless filtrate.

Reaction C: Write the observations and the balanced equation for this reaction. Hint: this is a decomposition reaction.


Filtering Hints: Your instructor will show you how to fold your filter paper. A small amount of water will hold the filter paper in the funnel. Filtering can take a long time. In fact most of the time in this experiment will be taken up with filtering. The only way to speed up filtering is to have a squeaky clean funnel (a clean funnel is a happy funnel). Pouring a small amount of 6M HCl through the funnel to clean the stem may be helpful (be sure to rinse with distilled water after doing this). Do not poke your stirring rod into the wet filter paper. This will only tear the paper and then you will have to start over (not to mention that people will laugh at you).

While you are waiting for the solution to filter consider this brainteaser:

Two boys were born from the same mother on the same day, same year, at about the same time. They look alike and act very much alike but they are not twins, nor are they adopted. Explain. (if you think you have the answer see your instructor).

D. Preparation of Copper (II) chloride from copper (II) oxide

1) Dissolve the CuO with 6M HCl by adding 10 mL of the acid directly to the filter paper containing the CuO precipitate. Allow the green copper chloride to run into a clean beaker. If all the CuO does not react the first time, the liquid that is collected should be poured back through the filter paper. This should be repeated until all of the CuO is reacted.

2) When the CuO is completely dissolved, the filter paper should be washed with distilled water and the washings allowed to run into the beaker containing the green solution of copper chloride.

Reaction D: Write the observations and the balanced equation for this reaction on the report sheet.

E. Preparation of copper (II) phosphate from copper (II) chloride

1) Add 15 mL of 1M Na3PO4 to the copper chloride solution. If nothing happens you messed up your experiment and you have to start over (ha…ha…this is just a joke). Of course nothing will happen because the solution has too much acid to allow the reaction to take place.

2) In order to neutralize the acid, add about 20 mL of the 2M NaOH to the solution. A precipitate of copper phosphate should form. If the precipitate does not form or does not stay, continue to add 2M NaOH in 1 mL portions until the precipitate forms and stays.

3) Allow the precipitate to settle for about 4 ½ minutes. Add a small amount (1-2 mL) of NaOH to the clear liquid at the top. If more precipitate forms in the clear portion add an additional 2-4 mL of NaOH.

4) Note: CRITCAL STEP. Gently warm (baby bottle warm) the solution of copper phosphate stirring frequently. Do not allow the solution to get hot, otherwise the solution will turn back to CuO and you will be back to step C (although I find this extremely funny you may not be as amused).

5) Hint: Do not start this step if there are less than 15 minutes left in the period. Filter the precipitate. Save the precipitate and discard the filtrate. The last bits of precipitate should be flushed from the beaker with a stream of water from your wash bottle. Wash the precipitate several times with distilled water.


Reaction E. Write the observations and the balanced equation for reaction E on your report sheet. Hint: The NaOH is not part of this reaction because it is only used to neutralize the acid.



F. Preparation of copper (II) sulfate from copper (II) phosphate

1) Add 12 mL of 2M H2SO4 to the precipitate of copper phosphate on the filter paper. Collect the blue filtrate in a clean beaker. If all of the precipitate does not dissolve, the liquid that is collected should be poured back through the filter paper. Wash the filter paper twice with distilled water and allow the washing to run into the solution of copper sulfate.

 If at all possible go on to step 1 of part G since that step must sit over night.

Reaction F: Write the observations and balanced equation for reaction F on your report sheet.

G: Preparation of copper from copper (II) sulfate

1) To the solution of copper sulfate add two pieces of zinc. Allow to stand with occasional stirring (this may be a good time to tell your instructor how wonderful he is). This step is best left over night since it will take 30 minutes or more to complete the reaction. When the solution is colorless this is an indication that the reaction is complete. You should see copper forming on the zinc (if you thought this was rust you are a bad chemist…because rust is iron oxide and there is no iron in there so it can’t be rust…get it!).

2) It is possible there is some excess zinc left in the solution that must be removed. Add about 3-5 mL of 2M H2SO4. If you see hydrogen bubbles forming there is excess zinc in the solution. Large pieces of zinc can be fished out with a microspatula. The rest will be dissolved by the H2SO4. Gently warming the solution will speed up the reaction. You will know the zinc is gone when the copper in uniformly colored and no more hydrogen escapes.

3) (Hint: Start boiling water in a 250 mL beaker half full of water for step 4). Carefully pour off the liquid and leave the solid copper behind. Liquid should not be drained off completely to avoid the loss of copper. Wash the copper in the beaker three times with distilled water pouring of the water each time.

4) Flush the copper from the beaker to a clean evaporating dish. Try to get as much of the copper as possible. Pour off excess water from the evaporating dish. Heat the copper to dryness by placing the evaporating dish over a 250 mL beaker of boiling water. The heat of the escaping steam will cause the water in the evaporating dish to evaporate (which, strange as it may seem, is the function of the evaporating dish).

5) After the copper is dry mass the evaporating dish and copper. Be sure the bottom of the evaporating dish is wiped dry. Obtain a test tube or vial from your awesome instructor. Place the copper into the test tube and tape the test tube to the report sheet. Mass the empty, dry evaporating dish and subtract to find the mass of just the copper.

Reaction G: Write your observations and balance equation on your report sheet. Hint: This is a single replacement reaction.

Congratulations!
You are now done
THE COPPER LAB ROCKS!















Copper Lab Worksheet

Put answers in your lab notebook

Starting Mass of Copper       _________

Mass of Copper Recovered  _________

Pre-Lab Questions:						

1. Name four methods of separating materials. 



2. Which element will be changing form in this experiment?



3. Define “percent yield” in general terms.



4. Write the formula for percent yield.



5. What is the maximum percent yield in any reaction? What scientific law does this illustrate?





Observations and Reactions

Write the balanced chemical equations, observations and type of each of the following reactions:

Reaction A:  (I will get you started)   Cu   +   _________   → ______ + _______ + ______

Observations:

Type of reaction: 

Question: Is reaction “A” exothermic or endothermic? How do you know?


Reaction B:

Observations:

Type of reaction:

Question: Why do we use an excess of NaOH in this step?



Reaction C:

Observations:

Type of reaction:

Question: In addition to water what other product passes through the filter paper (hint: look back to the reaction in step “B”)?



Reaction D:

Observations:

Type of reaction:

Question: Why does the filter paper need to be washed in step 2?



Reaction E:

Observations:

Type of reaction:

Question: Write the reaction for the neutralization of HCl with NaOH in step 2.









Reaction F:

Observations:

Type of reaction:

Question: What colors do copper compounds tend to be?



Reaction G:

Observations:

Type of reaction:

Question: Why is a water bath used to dry the copper rather than heating the copper directly?


Post-Lab Questions

1. Calculate the percent of copper recovered. Show your work.


2. If a student were to have a percent yield of more than 100%, what would be two possible sources of error?


3. For most students doing the copper lab the percent yield is less than 100%. Why is that?


4. It is estimated that 80% of all the copper that has ever been mined is still in use today. How is that possible?


5. The Statue of Liberty was made with a skin of copper. What caused the Statue to turn green? Why is this good?

6. Ancient peoples found copper too soft to make good tools and weapons. What method did they discover to make copper harder? 
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