Science Enhanced Scope and Sequence – Chemistry
[bookmark: _GoBack]Finding the Formula and Percent Composition
Strand	Molar Relationships
Topic	Investigating mole ratios to determine chemical formulas and percent compositions
Primary SOL	CH.4	The student will investigate and understand that chemical quantities are based on molar relationships. Key concepts include
b)	stoichiometric relationships.
Related SOL	CH.3	The student will investigate and understand how conservation of energy and matter is expressed in chemical formulas and balanced equations. Key concepts include
e)	reaction types.
	CH.4	The student will investigate and understand that chemical quantities are based on molar relationships. Key concepts include
d)	acid/base theory; strong electrolytes, weak electrolytes, and nonelectrolytes; dissociation and ionization; pH and pOH; and the titration process.
Background Information
When chemical reactions occur, there is a conservation of mass and energy. Because of the conservation of mass, we can measure the masses of starting materials and the masses of products and compare them to determine the chemical formulas of the reactants or products.
One of the most important things we can learn about a compound is its chemical formula. The formula for a compound that expresses the smallest whole-number ratio of the atoms present is called an empirical formula. For example, a compound with the formula C4H8O4 and a compound with the formula C6H12O6 have the same empirical formula, CH2O.
The formula for a molecular compound that gives the actual number of atoms per molecule is called a molecular formula. The molecular formula C6H12O6 can be represented as a whole-number multiple of the empirical formula (CH2O)6.
To calculate the empirical formula of a compound, we first determine the relative masses of the various elements that are present. One way to do this is to measure the masses of elements that react to form the compound. For example, suppose we put a mass 0.2636 g of pure nickel metal into a crucible and heat the metal in air so that the nickel reacts with oxygen to form a nickel oxide compound. After the sample has cooled, we determine its mass again and find its mass to be 0.3354 g. The increase in mass is due to the oxygen that reacts with the nickel to form the oxide. Therefore, the mass of oxygen present in the compound is the total mass of the product minus the mass of the nickel: 0.3354 g − 0.2636 g = 0.0718 g. Because the mass of nickel present in the compound is the same as mass of the original nickel metal, we know that the nickel compound contains 0.2636 g nickel and 0.0718 g oxygen.
The steps for determining the empirical formula for a compound are the following:
1.	Convert the grams of each element in the compound to moles of atoms of each element.
2.	Determine the whole-number mole ratio of each element to the other(s).
3.	Write the formula.
Materials
Standard test tubes (18 x 150 mm)
Wooden splints
3.0 M HCl
Beral pipettes or disposable pipettes
Magnesium ribbon
Electronic balances (or analytical balance, if one is available)
Calculators
Vocabulary
chemical formula, molar relationships, mole, percent composition, stoichiometric, stoichiometry
Student/Teacher Actions (what students and teachers should be doing to facilitate learning)
1. Have students work independently to determine the molar mass of an ionic compound, such as ammonium sulfate, (NH4)2SO4. Instruct them first to calculate the molar mass of the compound by writing its formula and adding up the masses of the elements in the compound. Then, ask them how they would calculate the percent of each element in the compound, i.e., the percent composition. (Divide the mass of each element by the molar mass of the entire compound and then multiply by 100.) After they have finished their calculations, have them discuss their answers in pairs. Select three pairs of students to share their answers with the class, making sure everyone accurately calculated the molar mass. Work through the steps of the process with the class, as follows:
Molar mass of (NH4)2SO4 = 132.154 g/mol
Percent H = 8(1.008 g) ÷ 132.145 g/mol = 0.061 × 100 = 6.10% H
Percent N = 2(14 g) ÷ 132.145 g/mol = 0.212 × 100 = 21.2% N
Percent S = 1(32 g) ÷ 132.145 g/mol = 0.242 × 100 = 24.2% S
Percent O = 4(16 g) ÷ 132.145 g/mol = 0.484 × 100 = 48.5% O
[Or, percent O = 100 − (6.10 + 21.2 + 24.2) = 48.5% O]
Define empirical formula, and discuss the concept of an empirical formula with the class. Introduce molecular formulas. Instruct students in how to calculate the empirical formula of a compound.
Guide students in calculating the empirical formula for nickel oxide as described in the background information above, using the following steps:
0.2636 g Ni ÷ 58.71 g/mol Ni atoms = 0.00449 mol Ni atoms
0.0718 g O ÷ 16.00 g/mol O atoms = 0.00449 mol O atoms
These mole quantities contain an equal number of atoms. It is clear from the moles of atoms of each substance that the mole ratio is 1:1. Therefore, the formula is NiO. This is the empirical formula because it expresses the smallest whole-number ratio of atoms. All ionic compounds are expressed as empirical formulas; we would never write, for example, Ni2O2.
Have students find the empirical formula for a compound containing 1.3813 g of Pb, 0.00672 g H, 0.4995 g As, and 0.4267 g O. Have four students come to the board and write one of the four steps in the process, as follows:
1.3813 g Pb ÷ 207.2 g/mol Pb = 0.006667 mol Pb
0.00672 g H ÷ 1.008 g/mol H = 0.006667 mol H
0.4995 g As ÷ 74.92 g/mol As = 0.006667 mol As
0.4267 g O ÷ 16.00 g/mol O = 0.026669 mol O
Divide these mole values by the smallest number of moles to get the whole-number mole ratio:
0.006667 mol Pb ÷ 0.006667 = 1 mol Pb
0.006667 mol H ÷ 0.006667 = 1 mol H
0.006667 mol As ÷ 0.006667 = 1 mol As
0.026669 mol O ÷ 0.006667 = 4 mol O
Therefore, the empirical formula for the compound is PbHAsO4.
Inform students that when a 0.3546 g sample of vanadium metal is heated in air, it reacts with oxygen to form an oxide compound with a mass of 0.6330 g. Have student work in pairs to calculate the empirical formula for this sample of vanadium oxide, as shown in the following steps:
0.6330 g − 0.3546 g = 0.2784 g (mass of oxygen that reacted)
0.3546 g V ÷ 50.94 g/mol V = 0.006961 mol V
0.2784 g O ÷ 16.00 g/mol O = 0.01740 mol O
Divide these mole values by the smallest number of moles to get the whole-number mole ratio:
0.006961 mol V ÷ 0.006961 = 1 mol V
0.01740 mol O ÷ 0.006961 = 2.5 mol O
Since one of these numbers, 2.5, is not a whole number, multiply both numbers by the lowest possible number (2) that will result in two whole numbers and therefore form a whole-number ratio:
1 × 2 = 2 V
2.5 × 2 = 5 O
Hence, the whole-number ratio is 2:5. (Note that this step is necessary only if the mole numbers are not already whole numbers.)
Therefore, the empirical formula for the compound is V2O5.
Next, have students perform an experimental investigation in which they form an ionic compound from the elements magnesium and chlorine. They will determine the empirical formula for this compound by comparing the moles of each element that react and determining the mole ratio of one element to the other. They will also determine the percent composition of the compound. Have students do the experiment, as follows:
	a.	Create a data chart to display the following data:
Mass of clean, dry test tube
Mass of magnesium ribbon
Mass of test tube and product
Mass of product
Observation of glowing splint test
Identity of gas
	b.	Select a standard 18 x 150 mm test tube, and make sure it is clean and dry. Find the mass of the test tube, and record it in the data chart.
	c.	Find the mass of approximately 0.10 grams of magnesium ribbon. It is not necessary to have exactly 0.10 grams, but do not be too far off. Record in the data chart the exact mass of the magnesium ribbon used. Put the magnesium ribbon in the test tube.
	d.	Fill a beral pipette with 3.0 M HCl. CAUTION! 3M HCl is a strong acid and should be handled very carefully. Add the acid to the test tube, a few drops at a time. Run the drops down the inside wall of the test tube, holding the test tube at a slight angle. CAUTION! Do not add the acid all at once.
	e.	While the reaction is proceeding, test the gas being produced with a glowing splint. What is the identity of the gas?
	f.	Continue to add the acid until the reaction is complete—i.e., until there is no visible solid magnesium left. Avoid adding excess acid.
	g.	Set up a Bunsen burner. Using a small flame, start to evaporate the liquid in the test tube. Be sure to hold the test tube at a 45-degree angle. Keep the test tube moving in the flame, and do not heat just the bottom of the test tube. CAUTION! Follow safe laboratory practices by always pointing the test tube away from yourself and others.
	h.	When evaporation appears complete, test by removing the test tube from the flame and inverting a clean, dry test tube over the mouth of your test tube. If you observe condensation forming in the top test tube, then continue heating the original test tube a few minutes longer and test again with another clean, dry test tube. Be patient: the heating process will probably take 10 to 15 minutes.
	i.	When you are sure your product is dry, let your test tube cool completely. Find the mass of the test tube and product, and record this mass in the data chart.
	j.	When you are finished, clean up. You may wash your product down the sink.
Have students do the following and then draw conclusions.
Calculate the number of moles of magnesium in the compound.
Calculate the mass of chlorine that reacted with the magnesium.
Calculate the number of moles of chlorine in the compound.
Find the whole-number mole ratio of Mg to Cl in the compound. (Divide the number of moles of each element by the smaller number of moles.)
Write the formula for the compound, and compare it to the known formula MgCl2.
Calculate the percent Mg and the percent Cl in the compound from both your lab data and the known chemical formula MgCl2.
Describe how the percent compositions compare with each other.
Explain what might be some causes of error in your experiment.
Lead a class discussion of all conclusions that can be drawn.

Assessment
Questions
Describe ions in chemical compounds by completing the following table. Make sure that the total charge on each compound is zero.
	Ions
	Chloride
Cl1−
	Hydroxide
OH1−
	Nitrate
NO31−
	Sulfate
SO42−
	Sulfide
S2−
	Carbonate
CO32−
	Phosphate
PO43−

	Hydrogen
H1+
	
	
	
	
	
	
	

	Sodium
Na1+
	
	
	
	
	
	
	

	Ammonium
NH41+
	
	
	
	
	
	
	

	Potassium
K1+
	
	
	
	
	
	
	

	Calcium
Ca2+
	
	
	
	
	
	
	

	Magnesium
Mg2+
	
	
	
	
	
	
	

	Aluminum
Al3+
	
	
	
	
	
	
	

	Ferrous
Fe2+
	
	
	
	
	
	
	

	Iron (II)
Fe2+
	
	
	
	
	
	
	

	Ferric
Fe3+
	
	
	
	
	
	
	

	Iron (III)
Fe3+
	
	
	
	
	
	
	

	Plumbous
Pb2+
	
	
	
	
	
	
	

	Stannic
Sn4+
	
	
	
	
	
	
	

	Copper (I)
Cu1+
	
	
	
	
	
	
	

	Cupric
Cu2+
	
	
	
	
	
	
	


Journal/Writing Prompts
Describe how you can determine the chemical formula for a transition metal such as vanadium chloride. Vanadium can have several different charges. Explain how you can determine which is the correct formula.
Organic compounds have a variety of formulas. Explain how you might distinguish between ethane, ethene (ethylene), and ethyne (acetylene).
Other
Use students’ lab observations and calculations for assessment.
Extensions and Connections (for all students)
Have students use the same basic features to find the empirical formulas for additional ionic compounds, such as ZnCl2 and AlCl3.
Strategies for Differentiation
Use various strategies for teaching dimensional analysis, such as “Mole Island” (cited in resources from Normal High School), “Domino Activity” (cited in resources from MnSTEP), and “Train Tracks” (cited in resources from Pittsfield, NH).
Use graphics to facilitate calculations, samples of which are shown below. Cover conversions to show setup for calculations.mass
# particles
volume
6.02 × 1023
molar mass
molar volume
moles
moles
moles
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