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Dual Enrollment
Chemistry 105/106

Welcome to CMC Chemistry II. This is a senior level course designed for students who have completed one full
year of Chemistry. This course is designed to expand on knowledge that was attained through your first chemistry
course and to address more advanced topics as included in the Nicholls State Chemistry 105/106 curriculum. Those of
you who were dual enrolled last year in Chemistry 105 can now earn three additional credit hours in Chemistry 106.
When coupled with Chemistry Lab (Chemistry 110) you will leave the Career Magnet Center with 8 credit hours of
chemistry which completes the Freshman college chemistry requirements at Nicholls State. (Note: those not enrolled in
Chemistry Lab 110 will leave the CMC with 6 credit hours of college chemistry and will likely need to complete Chemistry
110 or its equivalent at the college level). These credit hours are also transferrable to most universities. Those students
who did not dual enroll in Chemistry 105 last year and has earned the minimum requirement of 23 in Math and 18 on
English on the ACT will have the opportunity of dual enrolling in Chemistry 105 in August.
The following summer assignments are merely a review of many of the major topics that were discussed in
Chemistry I. There are two assignments which include a reading passage and corresponding questions to answer. It is
very lengthy, but as you will see, most of it is just reading material. (My hope is that you remember much of this from
your Chemistry I class.) My recommendation is that you print out the entire packet so that you can highlight important
concepts. If printing the entire packet is an issue for you, you will at least have to print part of the packet that needs to
be turned in to me.
You must also sign in to Moodle. Go to LPSD homepage. Click on More  Students  Moodle  Career
Magnet Center  Chemistry 105/106  enrollment key  7117  enroll me. If you did not dual enroll last year in
Chemistry 105 you must print the application form posted in Moodle and bring it in the first day of school so that I can
turn it in to Nicholls.
If you have any questions for me over the summer, you can enroll in my summer remind messaging system.
Follow the link: https://www.remind.com/join/ch2018em to enroll. Or text @ch2018em to the number 81010. This is
only for summer questions. I will have you enroll into another class in August.
You will be provided a workbook for class. Bring in a 1.5 – 2 inch 3-ring binder to hold your workbook and bring
your calculator to class everyday. You will also have to pay a $15.00 dollar lab fee to cover the cost of chemicals for lab
investigations. (Lab students will have additional fees for lab notebooks).
If you leave me a message under “post a question or concern”, I’ll give you 2 bonus points on your first test.
look forward to seeing all of you in August. In the meantime, have a great summer. 
Anna Cole

.... Continuous effort- not strength or intelligence- is the key to unlocking our potential….. Liane Cordes
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Assignment 1

Matter and Measurement

I recommend that you print this information as notes to prepare for your first test. Place the packet in a 3 ring binder.
If you choose not to print the entire packet, print only those pages that need to be turned in to me. You will have to
refer to the electronic version of this assignment to study from for test purposes. Read the following review then
answer the questions that follow.

Key Vocabulary
1.
2.
3.
4.
5.
6.
7.
8.
9.
10.
11.
12.

13.

Matter is classified as a pure substance or a mixture.
Pure substances are either elements or compounds.
An element is a substance all of whose atoms contain the same number of protons.
A compound is a relatively stable combination of two or more chemically bonded elements in a specific ratio.
Properties of compounds differ from the properties of the elements that make them up.
Mixtures consist of two or more substances that retain their individual identities and properties.
Homogeneous mixtures are uniform throughout. Air, seawater and a nickel coin (a mixture of copper and
nickel metals called an alloy) are examples.
Heterogeneous mixtures vary in texture and appearance throughout the sample. Rocks, wood, polluted air, and
muddy water are examples.
Physical properties can be measured without changing the identity or composition of the substance. Physical
properties include color, density, melting point and hardness.
Chemical properties describe the way a substance changes (reacts) to form other substances. The flammability
of gasoline is a chemical property because the gasoline reacts with oxygen to form carbon dioxide and water.
Intensive properties are physical properties that do not depend on the amount of substance in a sample.
Temperature, density, specific heat capacity and boiling point are intensive properties.
Extensive properties are physical properties that depend on the quantity of the sample. Energy (heat), mass,
and volume are examples of extensive properties.
A chemical change (also known as a chemical reaction) transforms a substance into a different substance or
substances. When the chief component of natural gas (methane) burns in air, the methane and the oxygen
from the air are transformed into carbon dioxide and water. In a chemical change, atoms are never lost as a
result of the reaction. The atoms merely rearrange forming different bonds which result in compounds
exhibiting different properties.
A physical change changes the appearance of a substance but does not change its composition. Changes of
physical state, from solid to liquid or from liquid to gas are examples.
 Differences in physical properties as determined by intermolecular forces are used to separate the
components of mixtures. The following are methods commonly used to separate the components of a
mixture.
a. Filtration separates an insoluble solid from liquid.
b. Distillation separates substances based on their difference in boiling points. This may involve a soluble
(dissolved) solid or two miscible liquids.
c. Chromatography is a technique that separates substances based on their differences in intermolecular
forces (polarity) and their abilities to dissolve in various solvents.
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Units of Measurement
Chemists often use preferred units called SI units after the French Systeme International d’ Unites. Table 1.1 lists the SI
standards and their symbols.
Table 1.1
Physical quantity
Name of unit Abbreviation
Mass
Kilogram
kg
Length
meter
m
Time
second
s or sec
Temperature
Kelvin
K
Amount of substance mole
mol
Electric current
Ampere
A or amp
Temperature is commonly measured using either Celsius or the Kelvin scale. The formula K = °C + 273.15 allows us to
convert from a Celsius temperature to a Kelvin temperature (or vise versa).
Derived units are units derived from SI base units. Example: Volume
Volume is the space occupied by a substance. This is different from mass. Mass (a base unit) is the amount of matter in
an object. Volume is commonly measured in cubic meters (m3), cubic centimeters (cm3), or cubic decimeters (dm3).
Volume is considered a derived unit because it is a cubic combination of the base unit for length. However in chemistry,
we commonly use the non-SI units of L and mL for convenience. One liter is the volume of a cube measuring exactly 10
cm on a side (dm)
1 L = 1000 mL = 1000 cm3 = 1 dm3
Or
1 cm3 = 1 mL
Density is another example of a derived unit. It is defined as the amount of matter packed into a given space. It is often
measured in g/cm3 for liquids and solids and g/L for gases. It can be calculated using the following formula…
𝑚𝑎𝑠𝑠

Density = 𝑣𝑜𝑙𝑢𝑚𝑒

Uncertainty in Measurement
Exact numbers have an exact value and are usually defined or counted. One liters equals 1000 cm3 describes a defined
number. There are 32 students in this class describes a counted number.
Inexact numbers have some degree of error or uncertainty associated with them. All measured numbers are inexact.
Measured numbers are generally reported in such a way that only the last digit is uncertain. Significant figures are all
digits of a measured number including the uncertain one.
Zeros in measured numbers are either significant, or they are merely there to locate the decimal place. The following
guidelines describe when zeros are significant:
1. Zeros between nonzero digits are always significant. (embedded zeros)
2. Zeros at the beginning of a number are never significant (leading zeros)
3. Zeros at the end of a number are significant only when the number contains a decimal point.(trailing zeros)
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In calculations involving measured quantities, the least certain measurement limits the certainty of the calculated
quantity and determines the number of significant figures in the final answer. Exact numbers do not limit the certainty.
For multiplication and division, the number of significant figures in the answer is determined by the measurement with
the fewest number of significant figures.
For addition and subtraction, the result has the same number of decimal places as the measurement with the fewest
number of decimal digits. In the case of whole numbers, round the answer to the greatest place value containing the
last significant figure.
For example, 340 + 42 = 382 which would be rounded to 380 (since the last significant digit in 340 is in
the ten’s place which is greater than 42 in which the last significant digit is in the one’s place).

Dimensional analysis
Dimensional analysis is a way of converting one unit of measure into another unit using a conversion factor. A
conversion factor is a fraction in which the numerator equals the denominator.
For example: How many microseconds are there in one year? Try this problem. The answer is provided. Refer to
your notes if necessary. Show all work. Answer: 3.15× 1013μs
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Assignment 1 Review Questions
PRINT THESE QUESTIONS TO BE TURNED IN…. Refer to the information provided in Assignment 1 to answer the
following questions. Feel free to use supplementary material as well.
1. What is an alloy?

2. Distinguish between intensive and extensive properties and give examples of each.

3. Distinguish between a mixture and a compound.

4. Distinguish between a chemical and physical change.

5. Determine whether the following properties are intensive or extensive
A. ________________state of matter D. ________________density
B. ________________melting point

E. ________________solubility

C. ________________ mass
6. Determine a separation technique to separate the following
A. _____________________salt water
B. _____________________acetone and water (miscible)
C. _____________________sand in water
D. _____________________ pigments in a mixture of food dye
E. _____________________rubbing alcohol

F. ________________heat
G._________________ temperature
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Using your notes or memory… Fill in the following table with metric prefixes and numerical values. The first one has
been done for you.
Prefix

Abbreviation

Meaning

Example

Tera

T

1012

1 Terameter (Tm) =
1× 1012 m

Main/base unit

Femto * (look this
one up)
7. ____________________What Greek letter does μ represent? (look this up)

8. _____________________What is the unit of density when describing solids and liquids?
9. _____________________What is the unit of density when describing gases?
10. Distinguish between an exact number and an inexact number.

11. What is a significant figure?

12. Determine the number of significant digits in the following:
A. ______0.003 03
B. ______100.0
C. ______100

D. ______10.040
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13. Calculate the following and round to the correct number of significant digits.
A. _________________________ (1.40 ×10-3)(5.440× 10-4) / 1.0 ×103
B. _________________________343.34 + 23.56
C. _________________________1560 + 232
D. ________________________Convert 34.5 °C to K
E. ________________________Convert 299.4 K to Celsius
F. ___________________The density of a solution was experimentally determined. The mass of an empty
graduated cylinder has a mass of 89.40 g. After the solution is placed in the cylinder the mass of the cylinder
and the solution measured 120.40 g. The volume of the solution in the cylinder measures 29.9 mL.
Calculate the density to the correct number of significant digits.

G. _________________Convert 34.53 kg/L to mg/mL. Show work.

H. _________________Convert 3.00× 108 m/sec to mi/hr . Show work.

Selected Answers:
12a. 3

b. 4

c. 1

d. 5

13a. 7.6 ×10-10 b. 366.90 c. 1790 d. 307.6 K e. 26.2 °C f. 1.04 g/mL g. 34530 mg/mL h. 6.71×108 mi/hr
(Make sure your answers have the same number of significant figures as those provided here)
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Assignment 2: Atoms, Molecules, and Ions
Read the following passage, highlighting important ideas. Then answer the questions that follow:
Theories and Laws
Scientific knowledge is empirical- it is based on observation and experiment. Scientists observe and
perform experiments on the physical world to learn about it. These observations and experiments over the
course of time have led us to the development of scientific laws and scientific theories. It is through the
formation of theories and laws that all scientific knowledge has been acquired. A scientific law originates with
a series of similar and consistent observations. It is a brief statement that summarizes past observations and
predicts future ones. Scientific laws describe how nature behaves. We have seen examples of scientific laws
in our study of the gas Laws (Charles’s Law, Boyle’s Law, the Ideal gas law), the Law of Conservation of Matter,
the Law of Definite Proportion, etc. These laws are intended to merely state facts. A scientific theory on the
other hand tries to explain why nature behaves the way it does. Theories are broad explanations of scientific
concepts often consisting of several “postulates” or “assumptions” which may include scientific laws which are
embedded into these postulates. Well established theories are the pinnacle of scientific knowledge, often
predicting behavior far beyond the observations from which they were developed. However they cannot ever
be conclusively proven because some new observation or experiment always has the potential to reveal a
flaw. If a theory is proven wrong by an experiment, it must be revised or tested with new experimentation.
Over time, poor theories and laws are eliminated or corrected, and good theories and laws – those consistent
with experimental results- remain. In fact the more a theory is refined, the closer to truth we get. Established
theories with strong experimental support are the most powerful pieces of scientific knowledge and are the
foundation from which future scientific ideas are built. The development and refinement of the atomic theory
of matter proposed by the English Chemist John Dalton over the course of time is a perfect example of how
“old” ideas are refined to incorporate new observations and data.
Dalton’s atomic theory
All matter is composed of tiny indivisible particles called atoms.
Dalton’s postulates
1. Each element is composed of tiny, indestructible particles called atoms.
2. All atoms of the same element have the same mass and other properties that distinguish them from the atoms
of other elements.

3. Atoms combine in simple, whole number ratios to form compounds.

4. Atoms of one element cannot change into atoms of another element. In a chemical reaction, atoms are neither
created nor
destroyed; they simply change the way they are
bonded together.
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Dalton’s theory includes two fundamental laws:
The law of definite composition (Law of definite proportion) states that the relative numbers and kinds of atoms in a
given compound are constant. Since every type of atom has its own specific mass and these atoms bond with other
atoms in specific ratios (Postulate 3), then we can also say that on a macroscopic level a compound will have a definite
composition. For example 25 grams of sodium chloride would have the same percentage of sodium and chlorine as a
125 g sample.
The law of conservation of matter states that the mass of reactants will always equal the mass of products in a reaction.
Dalton explains these observations in Postulate 4. All matter is composed of small, indestructible particles. Atoms
simply rearrange during a chemical reaction to form a different compound. Since the particles are only rearranged,
matter is conserved.
Today we accept three of Dalton’s four ideas. Only the second idea is incorrect. We now know that atoms of a given
element are not identical. Evidence from mass spectra (to be discussed later) clearly demonstrates that atoms of the
same element can be composed of different isotopes, each having different masses due to different numbers of
neutrons.

The Evolution of the Atomic model
The Dalton model
As a result of Dalton’s atomic theory, scientists were able to envision what the atom would perhaps look like.
This “picture” is referred to as an atomic model. Being able to picture an atom helps us to comprehend many
concepts that we believe to exist at the atomic level. Dalton’s model depicted the atom as a solid, indivisible
sphere. However, Dalton’s model of the atom had to be refined as new evidence was discovered. The
following is a brief synopsis of how our concept of the atom has changed over the course of time.
The Thomson Model (Plum Pudding Model)
J.J. Thomson is credited with discovering the electron. With this
discovery, Dalton’s atomic theory had to be modified to incorporate the
existence of electrons. Thomson proposed that an atom was a solid
sphere as Dalton suggested, but the electrons were embedded in the
sphere like plums in a pudding. (Figure 2.2)

Figure 2.2 Plum Pudding Model
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The Rutherford Model (Nuclear Model)
Ernest Rutherford’s gold foil experiment, illustrated in Figure 2.3, provided experimental evidence that contradicted
Thomson’s assumption that atoms are solid particles. In this experiment positively charged alpha particles were fired
at a thin sheet of gold foil. Most of the particles went straight through the foil, but some were severely deflected.
Rutherford concluded from these observations that the atom is mostly empty space but contains a tiny very dense core
of positive charge which he referred to as the nucleus. Consequently, Rutherford’s model is referred to as the nuclear
model. He could not explain however why the negatively charged electrons did not collapse into the positively charged
nucleus.

Figure 2.3

The Bohr Model (Planetary model)
Niels Bohr provided an explanation of Rutherford’s dilemma. He postulated that electrons did not collapse into the
nucleus because they existed in “energy states”. His model described the atom with its electrons orbiting the nucleus
much like the planets orbit the sun. Bohr used evidence from the emission spectrum of elemental hydrogen to support
his theory.
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Probing into the structure of the atom:

Atomic Spectroscopy and the Bohr Model

An atomic emission spectrum (or line spectrum) is a pattern of discrete lines of different wavelengths when the
light energy emitted from energized atoms is passed through a prism or diffraction grating. Figure 6.3 shows the
atomic emission spectrum of hydrogen. This pattern is unique for hydrogen.

* Wavelengths
are measured in
nanometers

The Bohr model of the atom (developed by
the Danish physicist Niels Bohr) explains
the origin of the lines of the atomic
emission spectrum of hydrogen in Figure
6.3. Bohr proposed that electrons move in
a circular, fixed energy orbits around the
nucleus. He postulated that each circular
orbit corresponds to an “allowed” stable
energy state. The ground state is the
lowest energy state. Excited states are
states of higher energy than the ground
state. When an external energy source is
applied to an element, the electrons in
these atoms jump to a higher energy level
and become “excited”. However these
electrons quickly drop back down to their
ground state and release this energy which
nucleus
is in the form of a photon of light. (See
Figure 6.4) Each photon has a specific wavelength that is dependent on the energy differences between each
energy state. This light energy is what is seen on an emission spectrum of an element. Larger energy differences in
the atom will result in wavelengths of light with higher energy on the emission spectrum. The spectrum shown in
Figure 6.3 shows only the visible portion of hydrogen’s emission spectrum. These colors represent electron
transitions that all originate from energy level energy 2. (See Figure 6.4) Electron transitions from other energy
levels will result in higher energy waves or lower energy waves in the range of ultraviolet and infrared waves.




Match each color in Figure 6.3 with the appropriate electron transitions in illustrated in Figure 6.4. (Hint: how
does wavelength relate to energy? All transitions originate from energy level 2.)

Transitions from which energy level would likely result in ultraviolet radiation?
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The Modern View of Atomic Structure
Atoms consist of a tiny, dense, positively charged nucleus surrounded by a cloud of negative electrons.
The nucleus contains most of the mass of the atom and consists of positively charged protons and neutral neutrons.
Atoms are electrically neutral because each atom contains the same number of protons as electrons.
Atoms gain electrons to form negatively charged ions called anions or they can lose electrons to become positively
charged ions called cations.
The atomic number is the number of protons in the nucleus.
An element is a substance all of whose atoms contain the same number of protons. Each element is defined by its
atomic number.
The mass number is the number of protons and neutrons in the nucleus of an atom.
Isotopes are atoms containing the same number of protons but different mass numbers. Since the protons in an atom
will never change, any difference in mass is due to differences in the neutron number.
Symbols are often used to distinguish one isotope from another. For example, the isotope of carbon containing six
protons and six neutrons is designated as:

12
6𝐶
where 12 is the mass number and 6 is the atomic number. Because carbon is the only element with 6 protons, often the
atomic number designation is omitted. This isotope of carbon can be represented by any of the following:
12
6𝐶

12

𝐶

=

=

carbon – 12 =

C – 12

Carbon has several isotopes, and each is distinguished from one another by its mass number. Their respective number
of neutrons is calculated by subtracting the atomic number from the mass number. Here are the symbols for various
isotopes of carbon with the number of neutrons in the isotope.
11
6𝐶

5 neutrons

12
6𝐶

6 neutrons

13
6𝑐

7 neutrons

14
6𝑐

8 neutrons

The atomic mass unit, amu, is a convenient way to express the relative masses of tiny atoms. One amu is defined as
one-twelfth of the carbon-12 isotope. Protons and neutrons have a mass of approximately 1 amu each. To put this into
perspective, one amu also equals 1.66054 ×10-24 g which is an extremely small mass.
The atomic mass of an element is provided on any periodic table along with the atomic number of each element.
Elements as they are found in nature typically exist as a mixture of several different isotopes each having the same
number of protons but different number of neutrons. (Recall: the proton number is constant for all atoms of the same
element). Therefore, some atoms in this element are slightly heavier than other atoms. As a result, these atoms have
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different mass numbers. The atomic mass that is provided on the periodic table is actually a weighted average of all the
isotopes of an element based on the abundance of each isotope found on earth. Because this is a weighted average,
isotopes that are more abundant in nature will contribute more to the average mass that is reported on the periodic
table. It is not a coincidence that the most common isotope of carbon is carbon-12 and the mass reported on the
periodic table for carbon is 12.011 amu. The atomic mass of magnesium is 24.3040 amu. This means that the most
common isotope of magnesium would have a mass number of 24. Other isotopes of each element must be determined
using a variety of other sources such as the internet. It is important to note that NO individual atom of magnesium has a
mass of 24.3040 amu. This is merely an average mass of all of the combined isotopes of magnesium. We must also
remember that the mass number must be a whole number (no decimal digits) since it is the combined number of
protons and neutrons. In our magnesium example above, magnesium’s atomic mass of 24.3040 amu would correspond
to a mass number of 24 amu for magnesium’s most common isotope.

The Periodic Table
The periodic table is an arrangement of elements in order of increasing atomic number with elements having similar
properties placed in vertical columns. The vertical columns are called groups or families and the horizontal rows are
called periods. Figure 2.15 shows the periodic table with the symbol, atomic number, and atomic mass of each element.
It also shows two commonly used numbering systems for the groups. The “A” group elements are also commonly
designated with roman numerals. Elements are also classified as metals, nonmetals, and metalloids based on their
position on the periodic table. See Figure 2.15.

What are the metalloids listed in Figure 2.15?
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Molecules and Molecular compounds
Although the atom is the smallest representative particle of an element, most matter is composed of molecules or ions,
which are combinations of atoms.
A molecule is an assembly of two or more atoms tightly bonded together. For example, a molecule that is made up to
two atoms is called a diatomic molecule. If the two atoms are identical, we have a diatomic element. Figure 2.18
shows the names, formulas, and pictorial representations of some simple molecules. Notice that both H2 and CO are
diatomic. However, H2 is a diatomic element because both atoms are identical. CO is a diatomic molecule. CO has
different properties than both the carbon and oxygen that make up the molecule.
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Compounds are substances consisting of two or more different elements. Generally there are two types of compounds:
molecular compounds and ionic compounds.
Molecular compounds are composed of molecules and usually contain only nonmetals. A molecular formula indicates
the actual number and type of atoms in the molecule and is the most often used formula for molecular compounds.
Figure 2.19 shows various ways chemists represent molecular compounds.

Figure 2.19
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Ions and Ionic compounds
Ions are charged particles composed of single atoms (called monatomic ions) or aggregates of atoms (called polyatomic
ions). A cation is a positive ion, and an anion is a negative ion.
Ionic compounds are composed of ions and usually contain both metals and nonmetals.
An empirical formula gives only the relative number of atoms (lowest ratio of atoms) of each type in the compound.
Empirical formulas are usually used for ionic compounds.
Unlike molecular compounds, ionic compounds do not consist of discrete molecules. Ionic compounds are a collection
of many ions arranged in a regular pattern known as a crystal lattice as shown in Figure 2.21. Rather than draw the ionic
arrangement of sodium chloride, chemists use the much simpler formula, NaCl to represent the compound.

Names of monatomic cations
Monatomic cations (single atom ions with a positive charge) have the same name as the metal. If the metal forms
cations of different charges, a Roman numeral in the name indicates the charge.
K+ = potassium ion

Ca2+ = calcium ion

Co2+ = cobalt (II) ion

Co3+ = cobalt (III) ion

Most transition metals form cations with more than one charge. However there are four common exceptions. These
are the four transition elements that have only a single charge. You must memorize these charges because there will
not be a roman numeral present to indicate their charge.
Sc3+ = scandium ion Ag+ = silver ion Zn2+ = zinc ion

Cd2+ = cadmium ion
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Names of monatomic anions
When naming a monatomic anion, change the ending to “ide”.
A few common diatomic anions also end in ide: OH1- hydroxide CN1- cyanide O22- peroxide
Names of Polyatomic cations
Polyatomic cations (positive ion containing more than one atom): ammonium NH4+

Hg22+ mercury (I)

Polyatomic oxyanions (anions containing oxygen)
Some polyatomic anions end in ate or ite. These are called oxyanions because they contain oxygen. Because there is no
logical way to predict their formulas or charges, they must be memorized. Some polyatomic oxyanions have hydrogen
attached. The word hydrogen or dihydrogen is used to indicate anions derived by adding H+ to an oxyanion. An added
hydrogen changes the charge by +1. See Table 2.3.

The ending –ate denotes the most common oxyanion of an element. The ending –ite refers to an oxyanion having the
same charge but one fewer oxygen. For example: SO42- is sulfate, but SO32- is sulfite. Other patterns are seen by
examining the chlorate family.
ClO- = hypochlorite; hypo denotes one fewer oxygen than chlorite
ClO2- chlorite
ClO3- chlorate
ClO4- perchlorate; Per- denotes one more oxygen than chlorate
*the other halogen oxyanions follow the same pattern.
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Naming ionic compounds
Review the following summary or refer to your Chemistry I Notes
 Metals in Groups IA, IIA, and IIIA will form ions that have charges of 1+, 2+, and 3+ respectively. These positive
ions have only one possible charge and are named by using the name of the element.
 Metals (or nonmetals) that have several positive oxidation states must indicate the charge of the ion by writing
a Roman numeral in parentheses following the name of the element. Common transition metals with only one
oxidation state are: Zinc (+2), Cadmium (+2) and silver (+1) . Most others will have a roman number.
 Negative, monatomic (one atom) ions are named by using the root word of the nonmetal and adding the suffix
-ide. Nonmetals in Groups VIIA, VIA, VA and IVA will form ions that have charges of 1-, 2-, 3-, and 4- respectively
in binary (two element) compounds.



The charges of the –ate and –ite ions are usually the same as that of the –ide ions. We can determine the “ide”
ions from their positions on the periodic table. For example Sulfide has a -2 charge and both sulfate and sulfite
have a -2 charge. Other examples: phosphide = -3 and phosphate and phosphite = -3, chloride ( or any
halogen) = -1 and chlorate, chlorite, hypochlorite and perchlorate are all -1. Exceptions: Nitrate, carbonate.
There is no correlation to the periodic table for these polyatomic ions. These must be memorized.



*Note: you must memorize the common –ate polyatomic ions: sulfate, carbonate, nitrate, phosphate,
chlorate, bromate, and iodate. You can then use the pattern described above to determine other
polyatomic ions. Other ions that need to be memorized are hydroxide, acetate, cyanide, and
ammonium. Make flashcards.

Names of ionic compounds consist of the cation followed by the anion name.
MgBr2 = magnesium bromide

Fe2O3 = iron (III) oxide

Ca3(PO4)2 = calcium phosphate

FeO = iron (II) oxide

*Remember that the Roman numbers III and II refer to the +3 and +2 charges of the iron cations, respectively. Notice
the charge on the iron atom in each case is inferred by the ratio in which iron combines with the -2 charged oxide ion.
Hydrogen will take on a -1 charge when bonded to groups 1 or 2. These compounds are known as hydrides.
Names of binary molecular compounds
A binary molecular compound contains two nonmetals. The rules for naming binary molecular compounds are the
following:
1. Name the first element
2. Name the 2nd element
3. Use a prefix to denote how many of each element is present in the formula.
Ex. SO3 = sulfur trioxide
N2O5 = dinitrogen pentoxide
P4O10 = tetraphosphorus decoxide
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Names and formulas of Acids
The names and formulas of some common acids, an
important class of hydrogen containing compounds
are listed in Table 2.4. Acids are molecular
compounds (even though they may contain a
polyatomic ion). In all cases, the formulas of acids
are composed of one or more hydrogens added to a
common monatomic anion or oxyanion. Acids of
monatomic ions are called binary acids and acids of
oxyanions are called oxyacids.
To name binary acids (Hydrogen + a nonmetal),
replace the –ide ending of the anion with –ic acid
and add the prefix hydroEx. Bromide, Br- becomes hydrobromic acid, HBr.
To name oxyacids (Hydrogen + oxyanion), replace the –ate ending of the oxyanion with –ic acid or the –ite ending of the
oxyanion with –ous acid

Ex. Nitrate, NO3- becomes nitric acid, HNO3

Hypochlorite, ClO- becomes hypochlorous acid, HClO

Note: Phosphate, PO43- becomes phosphoric acid, H3PO4
Sulfate, SO42- becomes sulfuric acid, H2SO4
You must be fluent in writing the formulas of various acids.

Naming hydrates??? Know your prefixes….
Name the compound as is. Designate the number of water molecules with a prefix, then add the word
“hydrate”.
Example: CuSO4 • 5 H2O is called copper (II) sulfate pentahydrate
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Organic compounds
Organic chemistry is the study of carbon compounds.
Hydrocarbons are molecular compounds containing only carbon and hydrogen
All carbon atoms must have a total of 8 electrons or 4 total bonds. (octet)
Organic compounds that have all single bonds are called saturated hydrocarbons; those with multiple bonds are
unsaturated.
Saturated hydrocarbons may consist of alkanes or cycloalkanes. Both alkanes and cycloalkanes have all singe bonds.
Unsaturated hydrocarbons consist of alkenes, cycloalkenes, or alkynes. Alkenes and cycloalkenes contain a double
bond. Alkynes contain a triple bond.

Alcohols are formed when a hydrogen on an alkane is replaced with a hydroxyl group, OH. (…note this is not the
hydroxide ion as is used in inorganic chemistry). Many organic compounds have other elements such as oxygen,
nitrogen, phosphorus, or halogens that are referred to as “functional groups”. Functional groups give organic
compounds a unique set of properties. The presence of the hydroxyl group on an organic compound tells us that the
compound is an alcohol.
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Assignment 2 Review Questions
You MUST print this assignment to turn in to me.
1. Refer to your notes to fill in the following table with the appropriate family names
Group number

Name of group/family

Family I (1A)
Family II (2A)
Family VI (16 or 6A)
Family VII (17 or 7A)
Family VIII (18 or 8A)

2.

What are the seven diatomic elements? Provide both name and appropriate formula.

3. Consider the four systems in the figure:

A

B

C

D

a. Which of the above system(s) represent a pure substance?______________________________
b. Classify the pure substances that you labeled in “a” as an element or a compound.________________
c. Which system is a mixture?_____________________

4. Explain why Dalton’s 2nd postulate is incorrect.

5. What experimental evidence disproved Thomson’s model that the atom was solid?

6. _______________________What is Thomson’s model called?
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7. _______________________What is Rutherford’s model called?
8. Describe the atom according to Rutherford’s findings.

9. How did Niels Bohr explain why electrons did not fall/collapse into the nucleus? What experimental evidence
verified his claim?

10. What is atomic mass? How is it different from mass number?

11. How does a molecular formula differ from an empirical formula?

12. Tell which chemical form of chlorine is implied in these two sentences: a) chlorine is a toxic gas b) common
table salt contains the element chlorine.

13. What is an oxyanion?

14. What would be the name for the following oxyanions:
A. __________________ BrO- b. _____________________IO4- c. _____________________ IO215. List the prefixes up to ten.

16. ____________________________________________What is the name of MgSO4 • 7 H2O?
17. ______________________Look up the formula for ammonia.
18. Name the following molecular compounds:,
a. _________________________________ SCl2
b. _________________________________ CF4

c.

______________________________________________________BrI3

d. _________________________________ SF6

19. Name the following acids (practice without polyatomic ion list then check yourself)
a. _________________________HClO4
e. _________________________H3PO3
b.

_________________________HCl

f.

_________________________CH3COOH

c.

_________________________HNO3

g.

_________________________H2S

d.

_________________________H2SO4
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20. Write the formulas for the following:
h.

_______________Nitrous acid

l.

_______________Hydrobromic acid

i.

_______________Phosphoric acid

m. _______________Perbromic acid

j.

_______________Hydroiodic acid

n.

k.

_______________Sulfurous acid

_______________Bromous acid

21. Name the compounds in problems a-g using a simple periodic table and no polyatomic ion list. You
can check your work afterwards with your polyatomic ion sheet. For examples h – n write the
correct formulas.
a. _____________________________Na3PO4

h. _______________Mercury I chloride

b. _____________________________FeSO4

i.

_______________Sodium sulfate

c. _____________________________Al(ClO4)3

j.

_______________Copper II nitrate

d. _____________________________MgCO3

k. _______________Iron II hydroxide

e. _____________________________Zn(OH)2

l.

f.

m. _______________Sodium nitrate

_____________________________CuC2H3O2

g. _____________________________Sr(OH)2

_______________Ammonium acetate

n. _______________Aluminum sulfite
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Refer to your chemistry I notes or research the answers to questions 21-26
22. What are the 10 simplest Alkanes? Write their names, molecular formulas, condensed structures, and line
structures on a separate sheet of paper. (Refer to your notes for questions 26 -30)

23. What are the 6 simplest alkenes? (Names, molecular formulas, condensed structures and line structures.)

24. What are the 6 simplest alkynes? (Names, molecular formulas, and condensed structures.)

25. What are the 6 simplest cycloalkanes?

26. What are the three simplest alcohols?

27. The following symbols represent atoms of carbon, hydrogen, and oxygen (in no particular order).

a. Using your knowledge of periodic trends, determine which atom is which.

b. Draw a particulate representation (model) of a methane molecule, an oxygen molecule, carbon dioxide
molecule, and a water molecule

c. Draw a particulate representation describing the reaction of the combustion of methane. Be sure to make sure
that all mass is conserved.

