Chapter 1
The Basics
Bonding and Molecular Structure

Organic chemistry: is the chemistry of compounds that contain the element
carbon.

1.1 Atomic Structure

Compounds: are made up of elements combined in different proportions.

Elements: are made up of atoms of same type.

An atom: consists of a dense, positively charged nucleus containing protons

and neutrons and a surrounding cloud of electrons.

Atomic number (2): is a number equal to the number of protons in its

nucleus.

Valence shell: is the outermost energy level of an atom.

= The most important shell because the electrons of this shell are the ones
that an atom uses in making chemical bonds with other atoms to form
compounds.

» Valence electrons: are the number of electrons in the valence shell.
e Number of valence electrons equal to the group number of the atom.

Electron cloud

Nucleus



1.2 Chemical Bonds: The Octet Rule

» Atoms work on bonding to achieve noble gas electronic configuration
because these configurations are known to be highly stable.

» Octet rule: is the tendency for an atom to achieve a configuration where its
valence shell contains eight electrons.

» Two major types of chemical bonds were proposed:
1. lonic bonds: are formed by the transfer of one or more electrons from

one atom to another to create ions.

2. Covalent bonds: result when atoms share electrons.

1.2A lonic Bonds

» Atoms may gain or lose electrons and form charged particles called ions.
= |ons form because atoms can achieve the electronic configuration of a
noble gas by gaining or losing electrons.
» An ionic bond: is an attractive force between oppositely charged ions.
» For example: the reaction of lithium and fluorine atoms:
= The lithium atom leaves a lithium cation (Li"); the gain of an electron by
the fluorine atom gives a fluoride anion (F").
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» Electronegativity: is a measure of the ability of an atom to attract electrons.
= Electronegativity increases as we go across a horizontal row of the
periodic table from left to right and it increases as we go up a vertical

column
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1.2B Covalent Bonds and Lewis Structures

» Covalent bonds: form by sharing of electrons between atoms of similar
electronegativities to achieve the configuration of a noble gas.
» Molecules are composed of atoms joined exclusively or predominantly by
covalent bonds.
= Molecules may be represented by electron-dot formulas or by formulas
where each pair of electrons shared by two atoms is represented by a line.
» A dash structural formula has lines that show bonding electron pairs
and includes elemental symbols for the atoms in a molecule.
» Examples:
1. Hydrogen molecule (Hy)

H. H- + -H — H:H usually written H—H
2. Chlorine molecule (Cly)
Cls C| + C| — :(§|:(:|: usually written :(:3:|—(:|:

3. Methane molecule (CHy)

, |
CH, (;: + 4H — H:'é::;:H usually written H—C|;—H
H
H
4. Ethene molecule (C,H,)
C H H.. ‘-H and as a H\\ /H
2 GG, dash formula /C:C\
H H N ¥
Ethene

5. Nitrogen molecule (N,)

N5 HWHHWE and as a dash formula :N=N:

6. Ethyne molecule (C;H,)

P and as a o~
CoH, H:C::C:H dash formula H—C=C—H
Ethyne



1.3 Lewis Structures

> Lewis structures: are electron dot representations for molecules.

A Procedure for Drawing Lewis Structures

1.

Determine the total number of valence electrons in the structure.
» For a negative ion, add one electron for each negative charge
= For a positive ion, subtract one electron for each positive charge.
Identify the central atom (the atom with the lowest EN) and terminal atoms.
= Hydrogen atoms are always terminal atoms.
= Carbon atoms are always central atoms.
Write the skeleton structure, and join the atoms in this structure by single
covalent bonds.
For each single bond in the skeletal structure, subtract two from the total
number of valence electrons.
= With the valence electrons remaining,
e First complete the octets of the terminal atoms.
e Then, to the extent possible, complete the octets of the central
atom(s).
e At this point, if the central atom lacks an octet, form multiple covalent
bonds by converting unshared (lone pair) electrons from terminal
atoms into bond pairs.

Lone pairs

Lone pairs
(nonbonding electrons)

(nonbonding electrons)

covalent bond

Most Common Bonding Patterns for Nonmetals



Number of lone pairs 0 1 2 3
Number of bonds 4 3 2
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1.3A Exceptions to the Octet Rule

1. Expanded Octet: Elements in the 3rd row in the periodic table have d orbitals
that can be used for bonding and may not obey the Octet Rule.
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2. Incomplete Octet: Some highly reactive molecules or ions have atoms with
fewer than eight electrons in their outer shell
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1.4 Formal Charge

» Formal charge: is the charge assigned to individual atoms in a Lewis

structure.
= By calculating formal charge, we determine how the number of electrons

around a particular atom compares to its number of valence electrons.

= Formal charge is calculated as follows:

Formal charge = [no. of valence electrons] — [electrons in lone pairs + 1/2 the

number of bonding electrons]



F.C. = (Valence electrons) — (non-bonding electrons) — (1/2 (bonding electrons))

F.C. = (Valence electrons) — (non-bonding electrons) — (no. of bonds)

Formal Charge Observed with Common Bonding Patterns for C, N, and O

Formal charge

Atom Number of valence electrons +1 0 -1
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I l
0 6 —6=—  —f— —

Sample Problem 1.1 Determine the formal charge on each atom in the ion

HsO".

Solution

For each atom, two steps are needed:

Step [1] Determine the number of electrons an atom “owns.”
Step [2] Subtract this sum from its number of valence electrons.

O atom H atoms
[1] number of electron s “owned” by O | [1] number of electrons “owned” by each H
2+1/2(6)=5 0+1/2(2)=1
[2] formal charge on O [2] formal charge on each H
6—-5=+1 1-1=0

General rules to determine the plausibility of a Lewis structure based on its

formal charge.

1. The sum of the formal charges in a Lewis structure must equal zero for a
neutral molecule and must equal the magnitude of the charge for an ion.

2. Where formal charges are required, they should be as small as possible.

3. Negative formal charges usually appear on the most EN atoms; positive
formal charges, on the least EN atoms.
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TABLE 1.2 A SUMMARY OF FORMAL CHARGES

Group Formal Formal Formal
Charge of +1 Charge of O Charge of —1
A B _B—
| I
o+ + + | / o -
VA G~ =C— =C —C— =C. = —C=— =C~ =Cr
| | \ | \
VA T (N R e =N
|_ _N\ _l_ = T - N
. + . . . e _
VIA 4| — 0L —0—  =Q —O
ot . .
VIA —X— —X: (X=F,Cl,Br,orl) |:X:
Ammonium lon
For hydrogen: valence electrons of free atom 1
||-| H + subtract assigned electrons = -1
+ | =
HN—H o H:N:H Formal charge on each hydrogen 0
| d- For nitrogen: valence electrons of free atom = 5
H H subtract assigned electrons = — ()8
Formal charge on nitrogen = +1
Overall charge onion = 4(0) + 1 = +1
Nitrate lon
C|) e :0: Formal charge = 6 — (1/,)2 — 6 = —1
+ -
N .- or N. .. Formal charge = 6 — (1/,)2 — 6 = —1
0’//';' \:p-' o ‘ 1.C)-'

Formal charge = 5 — (1/,)8 = +1
Formal charge =6 — (1/,)J4 —4 =0

Chargeonion =2(—1)+1+ 0= —1



Water
Formal charge =6 — (1/,)4 —4 =0

Formal charge =1 — (1/,)2 =0

H—(:::J—H or HOH

Charge on molecule = 0 + 2(0) =0

Ammonia
Formal charge =5 — (1/,)6 — 2 =10

H—N—H or HNH
H H

Formal charge = 1 — (15)2 =0

Charge on molecule =0 + 3(0) =0

1.5 Isomers

> lsomers: are compounds that have the same molecular formula but different
structures.

» Constitutional isomers: are different compounds that have the same
molecular formula but differ in the sequence in which their atoms are
bonded.
= Constitutional isomers usually have different physical properties (e.g.,

melting point, boiling point, and density) and different chemical
properties (reactivity).

= Examples:
e Acetone and propylene oxide
Acetone Propylene oxide
H O H o
|l VA
H—C—C

|
—(|3—H H—C—C—C—H
H H H

b
e Ethanol and dimethyl ether.

H H H H
H—c|:—{:}—c—H H—C—C—O0—H
W b
Dimethyl ether Ethanol



1.6 How to Write and Interpret Structural Formulas

» Two other important types of formulas are condensed formulas and bond-
line formulas or skeletal formulas.

e
o v
Ball-and-stick model Electron-dot formula
(@) (b)
H H H

H—C—C—C—O0—H  CH4CH,CH,0H /\v,{:}H

H H H

Dash formula Condensed formula Bond-line formula
(c) (d) (e)

1.6A Dash Structural Formulas

» Dash structural formulas: have lines that show bonding electron pairs, and

include elemental symbols for all of the atoms in a molecule.
H
v
H H H H H H O H H
NS N/ NS NS |

P ¢ H o 0 O b
H \C/ o H \c "™ N 4 \C P
N /N N N

H  H H  H H H H

Equivalent dash formulas for propyl alcohol

1.6B Condensed Structural Formulas

> In fully condensed formulas, all of the atoms that are attached to the carbon
are usually written immediately after that carbon, listing hydrogens first.

J

Dash formul Condensed formulas

TT T
}/ )/ H—<|3—l:—c|:—c|;—H CH3|CHCHQCH3 or CH;CHCICH,CH,
| H H Cl
} y



%‘1 J“/ T kll T CHSCIDHCHS or CHCH(OH)CH,

e H
H Condensed formulas

Dash formula

1.6C Bond-Line Formulas

The rules for drawing bond-line formulas:

1.
2.

Each line represents a bond.

Each bend in a line or terminus of a line represents a carbon atom, unless
another group is shown explicitly.

No Cs are written for carbon atoms, except optionally for CH3 groups at the
end of a chain or branch.

No Hs are shown for hydrogen atoms, unless they are needed to give a three-
dimensional perspective, in which case we use dashed or solid wedges.

The number of hydrogen atoms bonded to each carbon is inferred by
assuming that as many hydrogen atoms are present as needed to fill the
valence shell of the carbon, unless a charge is indicated.

When an atom other than carbon or hydrogen is present, the symbol for that
element is written at the appropriate location (i.e., in place of a bend or at the
terminus of the line leading to the atom).

Hydrogen atoms bonded to atoms other than carbon (e.g., oxygen or
nitrogen) are written explicitly.

Bond-line >
formula % »
f_ﬁ / ../" ’\;, g

CH
e N 3/0@
\[ - cle CH, = CH;CHCICH,CH, b SV
Cl Cl
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Wbt
e s (IDH CH; = CHZCH(CH,)CH,CH;

CH,
GH, CH,
N
\'Tl/\ s [\|] \CH:3 = (CHa)zNCHchg
CH,
i, H,C—CH,
& = FX and = 1 |
H,C—CH, H,0—Ch,
d 4

ﬁ— = CHZZCHCH2OH
OH R

/T — CH3C HchC H3
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1.7D Three-Dimensional Formulas

» Molecules exist in three dimensions.

» We can depict three-dimensional geometry in molecules using bonds
represented by dashed wedges, solid wedges, and lines.
1. A dashed wedge (-+mm) represents a bond that projects behind the plane

of the paper.

2. Asolid wedge (—a) represents a bond that projects out of the plane of the
paper.

3. An ordinary line (—) represents a bond that lies in the plane of the
paper.

H

J 109°28/“
£ H/(/C \ 4

Methane H

1.7 Resonance Theory

» Resonance theory: states that whenever a molecule or ion can be
represented by two or more Lewis structures that differ only in the positions
of the electrons
= For example: two valid Lewis structures can be drawn for the anion

(HCONH).

e One structure has a negatively charged N atom and a C — O double
bond; the other has a negatively charged O atom and a C — N double
bond.

o S

H—C—N—H *Th H—C=N—H

double-headed arrow

e The true structure is a composite of both resonance forms, and is
called a resonance hybrid.
e The hybrid shows characteristics of both resonance structures.
» Each resonance structure implies that electron pairs are localized in bonds or
on atoms.

12



= |n actuality, resonance allows certain electron pairs to be delocalized over
two or more atoms, and this delocalization of electron density adds
stability.
» A molecule with two or more resonance structures is said to be resonance
stabilized.

" i o T
__(_I'; .. = C — C\ —
6—0-,:/ \:-Oﬁ— _-.Q./ \‘O _'-Q/ X0 'Q/C\O _
Hybrid Contributing resonance structures

The basic principles of resonance theory:

1. Resonance structures are not real.
= An individual resonance structure does not accurately represent the
structure of a molecule or ion. Only the hybrid does.
2. Resonance structures are not in equilibrium with each other.
= There is no movement of electrons from one form to another.
3. Resonance structures are not isomers.
= Two isomers differ in the arrangement of both atoms and electrons,
whereas resonance structures differ only in the arrangement of electrons.

Resonance structures Isomers
an O—H bond
One electron pair is in a different location. o
l l :(|)—H :(”):
CH3—C5(3: and CHS—QZC': CH,=C—CHj3 and CH3;—C—CHj,
A B C T D

one more C—H bond

1.7A The Use of Curved Arrows

» Curved arrow notation: is a convention that shows how electron position
differs between the two resonance forms.
= Curved arrow notation shows the movement of an electron pair.
e The tail of the arrow always begins at an electron pair, either in a
bond or lone pair.
e The head points to where the electron pair “moves.”

13



Move an electron pair to O.

('O: ) (I)
H-C-N-H <«———  H-C=N-H
%
At B

Use this electron pair to form a double bond.

1.7B Rules for Writing Resonance Structures
» To draw resonance structures, use the three rules that follow:

Rule [1]  Two resonance structures differ in the position of multiple bonds and
non-bonded electrons. The placement of atoms and single bonds
always stays the same.

The position of a lone pair is different.

‘: :Clji
[
H—C—N—H H—C=N—H

A ]

The position of the double bond is different.

Rule [2]  Two resonance structures must have the same number of unpaired

electrons.
0 :
H—(IZ—N;H = A and B have no unpaired electrons.
two unpaired electrons o e * C is not a resonance structure of A and B.
C

Rule [3]  Resonance structures must be valid Lewis structures. Hydrogen must
have two electrons and no second-row element can have more than
eight electrons.

n
H—C=N—H

T

10 electrons around C
not a valid Lewis structure

Note
» Two different resonance structures can be drawn in the following situations:
1. When a lone pair is located on an atom directly bonded to a multiple
bond.

14



lone pair adjacent to C=C

O\ s .
GHEZ'L?'—CHE <« “CH;~C=CH,
H H
:0 30

II—.'5

T e
H—CHC—CH, «—— H-C=C—CH,

/H H

lone pair adjacent to C=0

2. When an atom bearing a (+) charge is bonded to either a multiple bond or
an atom with a lone pair.

(+) charge adjacentto a _‘“‘._+ L
double bond CHE_‘? CH, «—— CH, LF—CHE

H H

-

® - § +
(+) charge adjacent to GH3—§§—'6H2 CHy—O=CH,

an atom with a lone pair

» In a group of three atoms having a multiple bond X=Y joined to an atom Z
having a p orbital with zero, one, or two electrons, two resonance structures
can be drawn.

\j

aEey—7 - X—Ya=Z

! f

0, 1, or 2 electrons

The * corresponds to a charge, a
lone palr, or a single electron

« =4 — . Or:
» The more stable a structure is (when taken by itself), the greater is its
contribution to the hybrid.
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Sample Problem 1.2 Follow the curved arrows to draw a second resonance

structure for each ion.

Vs _ﬁ:{j »,

| + eyt
a. CHfZéiCHE b. H—clz—"c—c:H3
H -
Solution

a. The curved arrow tells us to move one electron pair in the double bond to the
adjacent C — C bond. Then determine the formal charge on any atom whose
bonding is different.

Move one electron pair...

£
/ \ - +
CH2:(|3—CH2 s CHQ—CIJZCH2
H T H
...then assign the formal charge (+1).

= Positively charged carbon atoms are called carbocations.
= Carbocations are unstable intermediates because they contain a carbon
atom that is lacking an octet of electrons.

b. Two curved arrows tell us to move two electron pairs. The second resonance
structure has a formal charge of (1) on O.

Move two electron pairs...

: :0:
Sl |
H—?JC—CH3 H—G=C—CH;
H H

...then calculate formal charges.

= This type of resonance-stabilized anion is called an enolate anion.
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1.7C How to Decide When One Resonance Structure
Contributes More to the Hybrid Than Another

1. The more covalent bonds a structure has, the more stable it is.

Four (ﬁ' : C|) : Three
covalent o - C covalent
bonds H'/ ‘\H H/+ \H bonds
A B
More stable Less stable

Resonance structures for formaldehyde

2. Charge separation decreases stability.
= |t takes energy to separate opposite charges, and therefore a structure with
separated charges is less stable.
= Structure B for formaldehyde has separated plus and minus charges;
therefore, it is the less stable contributor and makes a smaller contribution
to the hybrid.
3. Structures in which all the atoms have a complete valence shell of
electrons (i.e., the noble gas structure) are more stable.
= The carbon atom in structure B has only six electrons around it, whereas
in A it has eight, therefore A is more stable and makes a larger
contribution.
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